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PREFACE. 

This book is an attempt to give the reader some idea of the 
fundamental conceptions underlying the ionic theory, more 
particularly as applied to the passage of electricity through elec- 
trolytes, a subject which has attracted the attention of physicists 
and physical chemists for many years, and in which there is a vast 
accumulation of important data, not always of that degree of 
accuracy necessary to guide hypotheses and co-ordinate theories. 
However, during the past six years Debye and Hiickel have 
formulated a theory which, under certain conditions, satisfactorily 
accounts for the electrical conductance of strong electrolytes, and 
the success which attended their efforts has stimulated other 
workers to make a more detailed study of the subject. We still 
remain without a clear conception of why an electrolyte, in the 
first instance, should dissociate, and an explanation is not likely 
to be forthcoming imtil many more very accurate measurements 
have been made of the properties of electrolytes, both in aqueous 
and non-aqueous solvents. 

Unfortunately the information and experimental data relating 
to electrolytic conduction lie widely scattered through volumes 
of the various scientific and technical journals. These known 
facts have been collected, and in the present book they are 
presented, together with the theoretical views which serve to 
connect them, in an ordered sequence. It is not an easy matter 
to arrange a mass of branching and inter-related ideas in serial 
order, and the author cannot hope that the particular sequence, 
which seems to him the best, will necessarily appeal to all readers. 

Since the use of modem thermodynamic methods is extending 
to almost all branches of the subject, and since such methods 
may be unfamiliar to some students, an introductory chapter has 
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been introduced, explaining all of the thermodynamic principles 
which are applied in the work. The succeeding chapters are 
chiefly devoted to the properties of electrolytic solutions, aqueous 
and non-aqueous, and a fairly full account of the modem theories 
of electrolytic conduction has been given, especially that of Debye 
and Hiickel, which has not heretofore appeared in English. In 
addition to the theoretical views and the known facts, the more 
important experimental methods, used in determining these facts, 
have been fully described. The last chapter contains a brief 
account of the technical applications of electrolysis. 

The necessary mathematics are simple, but it has been 
assumed that students, who use the book, will be sufficiently 
familiar with the fundamental processes of the calculus to follow 
its methods, and appreciate its advantages. 

Throughout the treatise numerous references are given in 
footnotes to scientific and technical literature, and these should 
be consulted by the reader who wishes to obtain more detailed 
information concerning any given part of the subject. As the 
literature has been freely utilised, it is hoped that adequate 
credit has been accorded at the appropriate places in the text. A 
bibliography is given at the end of each chapter, and since all such 
bibliographies must necessarily be incomplete, the main principle 

m the compilation has been to include a full representative selection 
of the research in each branch of the work. 

Finally, to minimise time and annoyance, a list of symbols 
used throughout the book, has been included. 


Exeter, 

September, 1930, 


F. H. N. 
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CHAPTER I. 

THERMODYNAMIC PRINCIPLES. 

1. The first law of thermodynamics.— Thermodynamics 

is that branch of science which deals with the relationships govern- 
ing the quantitative transformations of energy from one form to 
another. There are many applications of thermodynamics to 
physical and chemical problems, and for this reason it is proposed 
to consider in this first chapter some of the more important thermo- 
dynamic principles. 

There are two main laws of thermodynamics known as the 
first and second laws, respectively, but another principle has been 
put forward by Nernst * and is often referred to as a third law. 

Any system in a given state possesses energy which is associated 
with the nature, configuration and motion of its constituents. 
If the system passes from one state to another, the resulting change 
in this internal energy is independent of the manner in which the 
change is made, and depends only upon the nature, disposition 
and motion, if any, of the constituents in the respective states. 
Absorption, or evolution, of heat, and work of any type done by, 
or on, the system, affect its internal energy content, the amount 
of the heat change depending upon the type of process which 
occurs. If hE is the very small change in the internal energy 
which accompanies the absorption f of a very small quantity, 
Sg, of heat, both measured in work units ^ and SIT is the very 
small amount of work, of any type, done by the system at the 
same time, then, 

hE=hQ -hW, . . . (i) 

For example, if the work done is entirely expended against a 
uniform hydrostatic pressure, />, then hW =: phvy and 

hE — SQ — phv^ 

where hv is the resulting volume change. If the system consists 
of a perfect gas, and it expands isothermally ^ the original and final 

• The New Heat Theorem, 1926. 

f Heat absorbed by a system is denoted by the positive sign, and that evolved 
by the negative si^. In a similar manner work done on and by a system is 
denoted by the positive and negative signs, respectively. 

X 
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volumes being and v^, respectively, the total work done by the 
gas is 

f phvy RT log — , or RT log — \ 

J ti P 2 

where T is the temperature measured on the gas scale, and R the 
gas constant, />, and p^ being the initial and final pressures, 
respectively. 


2. The second law of thermodynamics.— A substance, 

or system, may be subjected to a complete cycle of operations and 
return to its original state. In this case the net change of internal 
energy is zero, the net heat absorbed being equal to the total 
work performed by the substance. A process may be carried 
out under isothermal conditions, /.e., constant temperature, or 
under adiabatic conditions when there is neither liberation nor 
absorption of heat. As a rule, both types of processes occur 
during a complete cycle of operations. 

process is said to be reversible in the thermodynamic sense 

if it is possible for the successive stages to occur in exactly the 

reverse order with all the mechanical forces unaltered. Thus, if 

the expansion of a gas is carried out sufficiently slowly for the 

substance to be in equilibrium with the external pressure at any 

suge, the process is reversible ; but it must be borne in mind 

that a reversible process or cycle is one that can never be realised 
m practice. 


Consider an ideal cycle such as that proposed by Carnot. A 
substance expands under isothermal conditions, and in doing so, 
1 absorbs a quantity of heat at an absolute temperature T^. 
It IS then allowed to expand adiabatically until its temperature 
tans to 1^. Compressing it isothermally, heat equal to O. is 

temperature remaining at ■ and finally the 
bstance IS brought back to its original state by means of a suit- 
able adiabatic impression. Such a cycle is perfectly reversible, 

rp, rnechanical work done during the cycle 

The efficiency of the cycle is the ratio of the mechaffical work 


performed to the heat absorbed, f.e., it ^e 

proved that the efficiency is equal to - ‘ ~ so that 

T*. 


Qx~Q ^ _ r. - 7', 

01 r, ’ • • • ( 2 ) 

where the temperatures are measured on the absolute work scale.* 

to scale is practicaUy equal in value 
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Thus, the maximum amount of work derivable from a given 
quantity of heat, supplied to a substance, is obtained when is 
zero, and it is evident that any self-acting machine, performing 
the above cycle, cannot convey heat from one body to another 
at a higher temperature unless that machine is aided by external 
agency. This axiom is known as the second laze of thermodynamics. 
It will be noted that in any reversible process, where heat is 
developed from mechanical energy, there is no waste or dissipa- 
tion of energy. 

The Carnot cycle is one of the simplest reversible processes to 
which a system may be subjected ; and usually the cycle followed 
in practice is more complex. We may, however, write equation 
( 2 ) in the form, 



and in general for any reversible cycle, if 80 is the very small 
amount of heat taken in at a temperature T, 



This result is known as the Camot-Clausius equation. 
For an irreversible cyclcy 



< o, 


the irreversible processes which may occur in the cycle including 
the production of heat by friction, conduction and radiation of 
heat and change of internal energy brought about by expansion. 


3. Entropy. — If a substance absorbs a small quantity, 80, of 

SO 

heat isothermally at a temperature T, the ratio represents 

what is known as the increase in the entropy of the substance. 
Denoting this ratio by 8^, we have 


80 = Th4>y 


and we see from equation ( 2 ) that in a Carnot cycle the net change 
of entropy is zero. In fact, for any perfectly reversible cycle the 
total change in the entropy of the substance subjected to the 
cycle is zero. This result may be stated in another way. If a sub- 
stance passes from one state to another by a reversible process, 
the increase of entropy is independent of the process or path 
taken, and depends only upon the initial and final states. 
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In natural processes, which are practically irreversible in all 
cases, the entropy of a system increases. For example, heat is 
always conducted from places of higher, to those of lower, 
temperatures, so that if BQ is the amount of heat which passes 
from a body at a temperature to one whose temperature is J'g, 

then is the net gain in entropy. Since T2 < the 

■I 2 1 

total entropy of the two bodies is raised by the conduction process. 
4 . Thermodynamic potential and free energy. — The 

mechanical work done on, or by, a system may be expressed as the 

product of a pressure and a volume, but there are other pairs of 

quantities such as, for example, electromotive force and quantity 

of electricity, which, when multiplied together, give quantities 

having the dimensions of energy'. In general, the work done by 

a system is not entirely of a mechanical nature, but may consist of 

various forms of energy. Whatever the form may be, each type 

of energy may be expressed as a product of two terms, one of 

which is a co-ordinate defining some quantity, such as volume, 

quantity of electricity, etc., in the system, the other term being 

an intensity factor such as pressure or electromotive force. Since 

all forrns of energy are mutually convertible, they have the same 

dimensions, and for this reason we may group all the energy 

expended, or work done, by, or on, a system in a single term of 
the form, 

Z(Xhx), 

where factors similar to X are the intensity factors, or generalised 
forces, factors of the form x are the quantity factors, or 
generalised co-ordinates. Hence, the first law of thermodynamics, 
equation (i), may be written in the general form, 

hE=hQ- Z(Xhx). 

Since SQ = Th^ we have 

= Th4> - XiXhx), 
which may be written in the form, 

S(£ E{Xhx). . . (3) 

If we write i/r for £ — T<f> then, 

H = - ~ E(Xhx), . . , 

® '■eversible transforma- 
tion. W hen the conditions are isothermal, 

X(XSx), 
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— i:(A"S.v) denoting the external work which can be obtained 
from the system during an infinitesimal isothermal variation. 
Denoting by IV the work which the system can give in passing, 
isothermally, from the state A to the state B, 

and thus, W = 

The function ip is known as the thermodynamic potential at 
constant volume^ and we see that the work obtainable from the 
system, during an isothermal process, is equal to the decrease in 
its thermodynamic potential for a reversible process. Thus, the 
decrease in the function tp represents the maximum amount of 
available, or free, e^iergy which can be extracted from a system 
during isothermal processes, and for this reason Helmholtz called 
^ the free energy of the system. 

From equation (4) we have, when x, etc., is constant, 

<p ^ 

and since tp = E 

^ . . . (S) 

This result is known as the Gibbs-Helmholtz equation,* and since 
the equation is linear, E and 0 may represent differences of the 
internal and free energies of two given states. As a rule it is so 
used It gives the free energy, or maximum work, which the 
system is capable of providing, but the complete utilisation of 
this free energy is only conceivable in the case of reversible 
changes. In reality any process can occur only more or less 
approximately in a reversible manner ; part of the free energy is 
always lost in overcoming unavoidable frictional resistances. 
Now equation (3) may be written in the form, 

h[E — T(P ^ Z{Xx)\ = — <P^T + E{xBX), 

and if we write F for [E — T(p X(Xx)], 

SF ^ _ ^sr + . . . (6) 

Although the external generalised forces may be constant, this 
fact does not exclude external work equal to i;(ASx) from being 


• See Thomson, Collected Papers, vol. 1 , p. 297- 
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done, and for this reason F has been called the total thermo- 
dynamic potential. If the only external generalised force is a 
uniform pressure,/*, and the only external co-ordinate the volume, 
then, 

8F = — <^5r + ®S/). . , • ( 7 ) 

In isothermal systems equilibrium is reached, at constant pressure, 
when F is a minimum, and on this account F is called the thermo- 
dynamic potential at constant pressure. 

From equation (6) we have, when X, ... is constant, 

9 


and since F = [E — T<l> i7(Yx)], we have 

■ ■ ■ <« 

where H = E E{Xx)y and may be called the total heat content 
of the system. Lewis * and American writers define the free 
energy of a system by the function F, since most experiments 
are carried out under constant pressure conditions. Although 
changes in the functions tfj and F do not largely differ, numerically, 
it is unfortunate that the term free energy is applied to two 
different quantities, but, if it is remembered that the function 
refers to changes in the free energy at constant volume, and 
SF to changes in the free energy at constant pressure, confusion 
between these two quantities is not likely to arise. 


5 , The Nernst heat theorem. — Since equation (5) may be 
written in the form, 



we have, on integrating. 





but the value of this integral cannot be obtained unless E is known 
as a function of T. Nernst f assumed that 


+ + pT*+ (10) 

where a, p . are known from experimental determinations 
of the specific heats at constant volume of the system before and 

I Thermodynamics (1923). 

t Nackr. kgl. Ges. PTm. Goningen. Math.-physik. Klasse. 1 (1906). 
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after chemical, or physical, changes.* Therefore, 

^ = £•„ + ar + + pT' + . . ., 


or 


~ + »^ + + y'^'" + p'^'" + • • • 


Integrating, we have. 


3 


v7^ 

^ = .Eo + - aT log r - )Sr^ - ^ - Y - 

where ^ is a constant of integration. Hence, 

^ ^ - a(i + log T) - 2/3r - - 

and from equation (lo), 




dE 

dT 


= a + 2)3r + + . . . 


From these various results we see that as T approaches zero iff 

dE dtif j . 

tends to the value ^ to £"0 and to a, whereas tends to 
infinity. We should expect «/«» like £, to show a simple behaviour 
at low temperatures, and not to produce the anomaly of ap- 
proaching the value infinity. This anomaly is removed if a o, 
in which case 


dT 


= 2/3r -b 3y^ + + 


and 


^ — 3y7^ - - . 


• •> 


Nernst suggested that = o at the absolute zero, T 

and therefore A = o. Thus, 


dE 

df 




dT 


— 2pT - ^T^ — ^p'n 

3 


O See Kirchhoff, Ann. d. Phys., 103, 177 ( 1858 )- 
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and 


also, 


4, = E,-^P- \yT^ - \pT* - . . . 

^ J 


1 

I 


(II) 


These formulae cannot hold down to very low temperatures, 
since Debye’s* theory requires the specific heat at low tempera- 

dE 

tures to vary as 7’^, i.e., must be proportional to T^. Thus 
P = y — o and 


4' = E,--pT*- . . . 

3 

6 . Clapeyron’s equation. — If the only external co-ordinate 
is the volume, v, and the only external generalised force which 
the system exerts is a uniform pressure, p, then equation ( 4 ) may ' 
be written thus : — 


so that 
and 


Thus, 


80 = — 08 r — pBvt 



Hence for a substance present in two states, these states being in 

equilibrium, such as, for example, a liquid in ctntact with its 

vapour, if and are the specific volumes of the substance in 

the two states, respectively, L the latent heat of change of state, 
then, ^ 



and 


_ L 

T(v^ - V,)' 


This result is Imown as Clapeyron's equation, and it is of great 
importance in the study of many physical and chemical changes. 
Thus, It represents the effect of pressure both on the boiling-point 
temperature of a solution and on the melting-point temperature 

*Ann, d.Phys., 39 , 789 ( 1912 ). 
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of solids. BT being the change in these temperatures produced 

by a change in pressure equal to Bp. If then — is positive, 

i.e.y the boiling-point temperature of a liquid is raised with pres- 
sure, whereas the freezing-point temperature of water, for which 
^2 <Vif is lowered by pressure. 

7. The equilibrium of systems. — In any natural change it 
is evident that the temperature of the substance must be less than 
that of the source which supplies heat to it, or greater than that 
of the surroundings to which it ejects heat. In other words, 
instead of the relation given by equation ( 2 ) we have 


or, more generally, 


Qi - g2 ^ T, - T, 


Sg 


< o. 


The interpretation of this is, that if a system passes from a state 
A to another state B by means of a reversible process, absorbing 
heat BQ at a constant temperature, and then returns to its original 
state by an irreversible process, losing entropy S</>, 

< o, 


t.e.y putting 


or Sg < TB<f}, 

i.e.y putting Sg — BE pBvy 

BE <c TB<j> — pBvy 

and B{E — T4>) < — <^BT — pBv. 

Also. B{E ~ T<l> + pv) a — <I>BT + vBp. 

Hence, if the volume of a system remains constant during an 
irreversible isothermal change, 

B(E — T^)y i.e.y BiP < o, 

and if the pressure and temperature remain constant, 

8(£ — -h pv)y i.e.y 8F < o. 

We conclude, therefore, that if, 

{a) V and T remain constant in any non-isolated system, the 
function i/r cannot increase. 

(8) p and T remain constant in any non-isolated system, the 
function F cannot increase. 
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From (fl) we infer that when 0 is a minimum, no change can 
take place, and consequently the system under the conditions 
defined by (<2) is in stable equilibrium. Also from (b) we infer 
that the system will be in equilibrium when F is a minimum. 

If the system is not homogeneous throughout, but consists of 
masses Wj, m2, etc.y of different qualities, or in different states, 
the internal energy, E, of the whole is given by the sum of the 
internal energies of the constituents. Thus, if E,, E2, etc., be 
the internal energies, per unit mass of the constituents, 

E = miEi + mjEg + . . . . 

Similarly, if <^2> be the entropies per unit mass of the 
different constituents, then, 

<l> = -f- m2<^2 + . . . . 

Now, at constant temperature and pressure E is a function of 
<l>, V and m, the total mass present in the mixture, so that 

+ ( 13 ) 

and if the total mass remains constant, 

8E = rS^ - i:(X^x), 
or, in the case of a hydrostatic pressure, p. 



8E = Th<f> — phvy 



Hence from equations (12) and (13), 



hE= T&^ - pBv + . 

ofrii 


• (14) 


and, therefore, by summation, 





Thus remembering that £ - and £ - Ti + fit; = F, 

we obtain, r i r 


■A (16) 


and 


THERMODYNAMIC PRINCIPLES 


where Kj = increase of internal energy of the 

mixture per unit mass addition of the first constituent, the tem- 
perature and pressure remaining constant. 

Consider a system of unit mass of any substance existing in 
two states, say liquid and vapour, and let a mass Sm of liquid 
change into vapour. Then at constant temperature and pressure, 

SF = FiS//i — FjS///. . (17) 

In equilibrium F is a minimum and so SF = o, thus, 

Fx ^ F^. 

and the potentials of the substance are the same in each phase. 
This result is true, however many phases of the one substance 
are present, so that in general, 

Fj = F2 ^ F3 = ... 

8. The Phase Rule. — If a system contains n components and 
r phases, it is evident from equation (17) that we may obtain (r — i) 
independent equations for each component, or n{r — i) equations 
in all. Within unit mass of each phase there may be n components, 
and if the masses of {n — i) of these are known, the composition 
of the phase is determinable. Since there are r phases of each 
component, r{n — i) is the number of independent variables 
defining the whole system. The temperature and pressure are 
also independent variables, but the volume is then fixed. Thus 
the total number of variables attaching to the system is r{n — i) 2, 
and there are n{r — i) equations to determine them. If 

r(n — i) + 2 = n(r — i), 

the variable can have only one determinate value, and the system 
is in equilibrium at one pressure, one temperature, and a fixed 
composition of the variable phase. For example, consider one 
component in three phases — ice, water and water vapour — in 
contact. Here n = i and r = 3, so that if we fix the temperature 
and pressure the system is non-variant. The three phases can 
only exist in contact at a definite temperature and pressure — the 
triple point. 

On the other hand, if the number of variables exceeds the 
number of independent equations, the system will not be com- 
pletely determined ; different equilibrium conditions will be 
possible. Thus there are 

r(n — i) + 2 — n{r — i) 
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variables which are arbitrary, and the number — (w — r -}- 2) — of 
independent variables is called the number of degrees of freedom. 
This relation, which is known as the phase rulCy may be stated as 
follows. For a system in equilibrium, the number of degrees of 
freedom is two more than the excess nurnber of components over the 
number of co-existmg phases. 

With a solution of salt in water, if we suppose the salt is non- 
volatile and that there is excess of water, the number of components 
is two, and there are also two phases, solution and vapour. Thus 
r — 2 and n = 2 and two of the three variables, pressure, tempera- 
ture and concentration of the solution, are, by the phase rule, 
independent. Thus, if we fix the temperature and concentra- 
tion, the solution has a definite vapour pressure. 

9 . Osmotic pressure. — Certain membranes have the property 
of allowing water, but not dissolved material, to pass through 
their walls. Such a membrane is said to be semi-permeable, as, 
for example, one formed by the interaction of copper sulphate 
and potassium ferrocyanidc. The precipitated cupric ferro- 
cyanide is permeable by water but not by sugar. The film is 
mechanically weak, hut if a porous pot containing copper sulphate 
stands in a solution of potassium ferrocyanide, the chemical 
action and precipitation occur within the pores of the vessel, and 
thus the film receives the necessary support. 

If a porous pot, impregnated by the membrane described 
above, contains a sugar solution and is immersed in water, the 
selective transmission causes an accumulation of water inside the 
vessel, with a consequent rise in the level of its liquid. The 
^ocess ceases when a definite excess pressure is thereby produced. 
This pressure, which is called the ostnotic pressure, clearly equals 
the difference of pressure which must initially be present on the 
solution side of the membrane if no osmotic action results. The 
walls of the membrane are continually receiving impacts from the 
water molecules on one side, and from a mixture of water and 
sugar naolecules on the other. Since the sugar is not transmitted 
t ere will be an initial excess inflow of w'ater. The accumulating 
excess pressure inside the vessel assists the escape of w'ater from 

t e inside, and tends to lessen the inflow. When a state of dynamic 
equilibrium is reached the exchange of molecules is balanced, and 
tne rise of pressure ceases. 

Pfeiffer * found that the osmotic pressure, P, was proportional 
to the concentration of the solution, f.e., to the number of molest 
of solute per unit volume of solvent. He also found that, at least 

• Osmolische Unl.rsuchungen ( . 877). t A mole is a gram-molecule. 
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approximately, the osmotic pressure was proportional, for a given 
solution of constant strength, to the absolute temperature. Hence, 

P oc C, and P oc P, 

or, combining these two laws, 

P — CRT. 

Van*t Hoff* calculated the value of R from Pfeiffer’s results for 
cane sugar, and obtained 8*41 joules per mole, compared with 
8*36, the value of the gas constant. He suggested that the mole- 
cules of sugar in dilute solution produce the same pressure as they 
would if they were gaseous molecules filling the same space. 
While experimental work shows that the osmotic pressure of 
dilute solutions, as measured, is identical, within the limits of 
experimental error, with the gas pressure, as predicted by the 
van*t Hoff formula, this is not so when the solutions begin to be 
moderately concentrated. Attempts f have been made to account 
for the behaviour under these conditions by applying gas equations 

such as that of van derWaals, + ^^{v~b) = RT. 

Sackurf used a modified form of van der Waals’ equation 
which holds good, with con- 
siderable accuracy, up to very 
high concentrations. The 
equation is 

P(V ~b) = PP, 

where P is the osmotic pres- 
sure, V the volume of solu- 
tion containing i mole of 
solute, and 6 is a constant. 

Porter § has also advanced a 
theory of the osmotic pressure 
in concentrated solutions, and 
many other workers have in- 
vestigated the properties of 
such solutions. 

10 . Vapour pressure of 
ft solution. — The vapour 

pressure of a solution is less than that of the pure solvent, the 

•Phil. Mag., 26 , 8i (1888); Berichte, 27 , 6 (1894)- 

+ See Stern, Zeits. pnys. (Jhem.t 81 , 441 (1912). 

1 Zeits. phys. Chem., 70 , 477 (1910). 

^Proe. Roy. Soc., A, 79 , 519, (1907). 80 , 457 (1908). 
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lowering of the vapour pressure being determined as follows. 
Consider a vessel divided into two parts, A and B, by- a semi- 
permeable membrane, M, as shown in Fig. i. The former part 
contains pure solvent, the vapour pressure immediately over its 
surface being p, while B contains the solution whose vapour 
pressure is pi- The vessel is enclosed by another outer vessel 
containing, in addition to the liquids, only the vapour of density 
a. Owing to osmosis the level of the liquid in B will be higher 
by an amount h than that in A, the difference in pressure on the 
two sides of the membrane being P, the osmotic pressure of the 
solution. Thus, 

P = Pi + gph — p. 


where p is the density of the solution. Since p and p, are pres- 
sures at a difference of level h in the vapour, 

P = Pi-\- 


Hence, 


P-Pi 

<T 


P + P — pi 
P 


or 


P-Pi = 



approximately. 



If 0*0 is the vapour density under standard atmospheric pres- 
sure, po, 


<7 



and 


P — Pi 
P 


-Pgp 

Pop 


approximately. 



Since p = nRT^ and P = n’RTy where n is the number of moles 
of vapour per unit volume, and n' the number of moles of solute 
per unit volume, we have from equation (i 8 ), 

P — Pi _ ^ 

P np' 

Assuming that the density of the dilute solution is equal to that 
of the solvent, 


a n 



where n” is the number of moles of solvent per unit volume. Thus, 


P — P\ 



I 
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being the number of moles of solvent containing one mole of 
solute, and the relative lowering of the vapour pressure is in- 
dependent of the nature of the solvent and solute. 

We have assumed that the vapour density is uniform, but this 
assumption is justified only if the vapour column height, //, is 
small, i.e., if the concentration of the solution is low. When this 
IS not so w'e must write. 

Bp == — g<T . Bhy 

so that sz. _ Po 


Integrating, 


SA = - ^ 

P 

A = ^.log^, 


( 21 ) 


or, substituting for h in the relation P — gphy 

\og£- = ^ (21) 

^ Pi Pop 

This gives the necessary relation between the osmotic pressure 
^d the lowering of the vapour pressure of a solution, and is 
independent of any assumption as to the physical nature of osmotic 
pressure. 


11 . Boiling-point temperature of a solution. — The 
vapour pressure of a solution 
is lower than that of the pure 
solvent, and therefore the 
boiling-point temperature of a 
solution is higher than that of 
the solvent. The elevation may 
be evaluated as follows : Fig. 2 
represents a closed vessel di- 
vided into two compartments, 

A and B, by a semi-permeable 
membrane. The upper half of 
each chamber contains only the 
vapour of the solvent, while A 
has also a quantity of a solution 
at a temperature T* -|- S T, and B 
some solvent at a temperature 
T, Let these temperatures, at 
which the vapour pressures are 

equal, be the boiling-point temperatures, and suppose that the 
following reversible cycle is performed : — 


s 



Fig. 2. — Boiling-point and freezing- 
point temperatures of a solution. 
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(i) Force a volume, Vy of solvent from B to A against the 

osmotic pressure P. The work done will be Pv. 

(ii) Evaporate this amount of liquid in A. The heat absorbed 

in this process is pvL^y where p is the liquid density, and 
Lj the latent heat at a temperature T + ST. 

(iii) Transfer the vapour thus formed from A to B. Since 

there is equality of pressure on both sides of the mem- 
brane above the liquids, this involves no expenditure of 
work. 

(iv) Condense the vapour thus transferred. The heat evolved 

will be pvL, where L is the latent heat at T. 

Then from the two laws of thermodynamics, 



or 

and from equation (i8), 


T + ST 

PT 


Pv 

8 T’ 


ST = 


pL’ 



ST 


P — P\ 

aL 



If we assume that for the vapour pv ~ RT, or p = oRTy then, 


or, from equation (20), 


fL'T P P\ PP^ 

p * L * 


8T = 


RT^ 
NL' * 



R and L being measured in the same units. Thus, if R is the 
gas constant per mole, L is the latent heat per mole also. From 
this result we see that for a given solution concentration, measured 
in moles of solute per mole of solvent, the boiling-point tempera- 
ture elevation will be the same for all non-dissociating solutes 
dissolved in the same solvent. For a concentration of one mole 
per 100 grams of solvent the corresponding elevation is known as 
the molecular elevation of the boiling-point temperature. In 
the case of water, T = 373 °> L = 537 calories per gram, R = 

0 * 3^5 ^ per degree, so that the molecular elevation of 

the boiling-point temperature of water is given by 


8T 


8-315; X 10 ^ X 3732 

100 



5 * 15 " C. 


X 537 X 4-i 8 X 10’ x 18 
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12 . Freezing-point temperature of a solution.— When a 
solution freezes, it is in equilibrium both with the ice that freezes 
out and with the vapour, and the three phases exist at the same 
pressure. Since the vapour pressure of a solution is less than 
that of the pure solvent at the same temperature, the freezing- 
point of the solution is lower than that of the solvent. 

In Fig. 2 let T and T — hT represent corresponding freezing- 
point temperatures, and suppose that a reversible cycle is per- 
formed as follows : — r ^ , 

(i) Force a volume, v, of the solvent from B to A. 1 ne work 

done will be Pv, P being as before the osmotic pressure. 

(ii) Freeze this quantity of solvent in A. The heat liberated 
is pvLy, where is the latent heat of fusion at the temperature 

T 8 T 

(iii) Transfer the solid thus formed from A to B. 

hv) Allow the solid to melt. During this process it absorbs 
heat equal to pvL, L being the latent heat of fusion at the tempera- 
ture T. Then from the two laws of thermodynamics, 

pvL^ pvL Pv 

T — T “ sr* 


or, as in section (11) the depression of the freezing-point tempera- 
ture is given by 



where L is now the latent heat of fusion per mole of the solvent. 
The depression of the freezing-point temperature is the same for 
all non-dissociating substances dissolved in the same solvent, 
provided that the concentration, expressed in moles of solute per 
mole of solvent, remains the same. The molecular depression tor 
such substances in 100 grams of water is thus, 


sr = 


8-315 X 10^ X 273 


100 

18 * 


= 18-58° C. 


X 80 X 4*i8 X 10’ X 18 


For a solution of n moles of solute per 100 moles of solvent, 

nRT^ 


sr = 


100 V 


(25) 


This expression has been verified for different solvents. 

13 . Molecular weights. — The molecular weight of a sub- 
stance, which does not dissociate when dissolved in a solvent, can 

2 
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be determined by measuring the boiling-point temperature eleva- 
tion, or the freezing-point temperature depression, of such a solu- 
tion of known concentration. Thus, if ST is the observed elevation, 
or depression, in these two cases, of a solution containing m grams 
of solute per loo grams of solvent, and if M is the molecular 

weight of the solute, n — so that from equation (25), 



niRT^ 
100 ML' 



Thus M may be determined. 

It must be emphasised that all of the results, deduced from 
osmotic pressure considerations, assume that there is no dissocia- 
tion of the solute when it is dissolved in the solvent. On dis- 
solving, the molecules of a solute may dissociate into two or more 
particles, and then the osmotic pressure produced is greater than 
it would be in the absence of such dissociation. 

Organic solutes dissolved in water give osmotic effects which 
agree with van’t Hoff’s theory, these effects depending upon the 
number and not upon the nature of the dissolved molecules. 
When experiments yield abnormally low values, it follows that 
the number of solute particles is less than that indicated by the 
chemical formula, and it is natural to suppose that aggregation 
has occurred On the other hand, large values indicatrdissocia- 
tion, and the degree of dissociation may be determined by measur- 
ing the osmotic pressure effects. 


homogeneous system, 
t.e., one which has the same physical and chemical nature at every 

I^aen ^ reaction proceed in either direction, 

l^n general, the equilibrium state is associated with definite tem- 
perature and pressure conditions, any change in these conditions 

equilibrium state. Great precautions must 
f f “y system as having arrived at 

aftL he^lans^ material change can be observed, even 

that ther^fs equifibS""^ " 

Suppose that the molecular species A, B, etc. have been 

ot^her^tL^*^ V"" k system, and react upon each 

other according to the scheme, ^ 

A-hB-h. . .^Y+Z+. . . 

c!‘ be gaseous, and their concentrations 

c^. Cb, e/c.. moles per c.c. The appearance of new molecules. 
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or atoms, of a given species during any process of chemical change 
will give rise to an increase in the available energy, and this increase 
will involve two terms • ; one giving the work, a, done in forming 
the molecule, or atom, at the chosen temperature and a standard 
pressure, and the other, expressing the work required to trans- 
form, under isothermal conditions, the new substance from the 
standard pressure to that at which the system exists. As shown 


in section (1) this second term will be of the form RT log — , 

Po 

where p is the actual pressure, and />□ the standard pressure. 
Hence we may write the increase of available energy of the system 
in the form. 


a RT log bCy 


where C, the final concentration of a given species, is proportional 
to py and a is a function of the temperature T, b being a constant 
which depends on the standard of reference. It expresses the 
dilution of the particles at the standard pressure and at the existing 
temperature. 

A reaction in a system involves the disappearance, by breaking 
up, of molecules of some species present, and the appearance of 
molecules of other types to an equivalent extent, so that if 
tiBy etc.y represent the numbers of moles which are involved in 
the reaction, the increase, S</f, in the free energy, is given by 

4" ^2^1og -f- -f- i^Tlog -f- . . ., (27) 


where C'a, C' By are the arbitrary concentrations of the species, 

and «/;, etc.^ are reckoned positive if they appear and negative 
if they disappear. 

When the equilibrium state is attained, the change of free 
energy, arising from a further transformation, must vanish. 
Hence h\ft = o, and from equation (27), 

RT log . Cb^ • • •) ~ — \pA^A 4 “ ^B^B 4 "**- 

RTi^ozbY .hV . . (28) 

where CBy etc.^ are the concentrations at the equilibrium state. 
Thus, if we write 

RT log K. = — \*iA^A ^B^B 4 " • • • 4 “ • b^ . . .)], 

we have . Cj® . Cc° . . . = K, . . (29) 

K is known as the equilibrium constant. It is independent of 
the concentrations, and depends only upon the temperature. By 
means of this last equation the value of K for any reaction, gaseous 


• See Laimor, Phil. Trans. ^ A, 190, 276 (1897). 
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or in solution, at a constant pressure and temperature, can be 
determined by measuring the concentrations, in moles per unit 
volume at the equilibrium state, of all the reacting substances. 

The relationship expressed by equation (29) is known as the 
law of mass action, and it has been applied to all types of reversible 
actions. We shall use it a great deal in studying the properties 
of dilute solutions. 

If the reaction is a simple one, such as 

A -h B ^ AB, 

then = /ig = I and 7/^g = — i, so that 

C^ . Cb , V 

.... (3®/ 

15 . Variation of the equilibrium constant with tem- 
perature. — If the concentrations of the various species present 
in a system do not correspond to those existing at the equilibrium 
state, the free energy, per mole, in reaching this state is given by 
equation (27). Utilising equations (28) and (29) we may write 
for htpy 

- RTXogK^ RTZnXogC’y . . (31) 

where Tn log C' is equal to log -f- Wg log Cg' . . . If S^o 

is the free energy change when each substance is in its standard 
state, we have 


Thus, 


S</'o = — RT log K. \ 

H = 5^0 + RTEn log C\] 


(32) 


Differentiating equation (31) with respect to temperature, and 
remembering that log C' is independent of the temperature, 

= - i? log a: - RT~ log K + RZn log C . 

Also from equation (31), 


- i? log i-: + log a. 


Thus, 




hip = 


^ - RT^ log K, 


or 

Hence from equation {5), 


^-RT^^XogK. 


hE = R7^XogK. 
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If the small amount of reaction, represented by the 5 , occurs so 
that no mechanical work is done on, or by, the system, we have 
from the first law of thermodynamics, SE — SQ, the amount of 
heat taken into the system ; so that if we represent by — //„ the 
heat €Volvedy per mole, by the reaction at constant volume, then 
SQ = and thus, 

■ ■ ■ <“> 

— //„ is known as the heat of dissociation at constant volume. Most 
reactions, however, occur at constant pressure, and in this case, 

^=(^logA:)^, - • ■ ( 33 «) 

— i/p being the heat of dissociation at constant pressure. It will be 
seen that the heat of dissociation is positive if heat is evolved when 
the action proceeds in the direction indicated by equation (28). 

The relationships expressed by equations (33) and (33^) are 
usually called the Equatiotis of the Isochores of Reaction. They 
are of fundamental importance, and hold for homogeneous and 
heterogeneous gas reactions, as well as for solutions. Both //„ 
and i/p may be measured by means of calorimetry experiments, 
and thus the variation in the value of the equilibrium constant 
with temperature may be determined at various temperatures. 
We see from equations (29) and (33) that an increase in the tem- 
perature causes the equilibrium to be displaced in the direction 
corresponding to absorption of heat from outside the system. 

16 . Gibbs’ adsorption equation. — When dealing with capil- 
larity phenomena we shall have occasion to consider the properties 
of the interface at which two phases meet. Gibbs * pointed out 
that in addition to those variables already considered when dealing 
with the phase rule, viz.^ temperature, pressure and concentration, 
one must also take into account the interfacial surface areas. 
From thermodynamical considerations he showed that if a dis- 
solved substance had the property of lowering the surface tension 
of a solution at its interface, the substance would exist at a higher 
concentration in this interfacial layer than in the bulk of the 
solution. 

Generally speaking, one regards the boundary separating two 
phases, such as liquid and vapour, simply as a geometrical surface 
upon one side of which there is a phase of uniform properties, 
and on the other a second phase, everywhere distinct from the 


Scientific Papers^ vol. 2. 
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first and homogeneous in itself. Actually this is not the case, 
nor do the contiguous layers shade, as it were, rapidly, but con- 
tinuously, one into the other. We must regard the boundary as 
a film or lamina of finite, though minute thickness, consisting of 
an entirely different phase with definite and measurable properties. 
With solutions the composition of the interface phase is different 
from that of the solution in bulk. The interfacial energy of all 
interfaces must be a minimum, and with pure liquids the surface 
tension, S, is constant. Thus, the energy can decrease only by 
an area contraction. This is not so with solutions, for the surface 
tension varies with concentration, and the possibility exists that 
S tends to a minimum value with changing concentration. To 
bring this about the surface layer must be more dilute than the 
remainder of the solution, if 5 increases with concentration. On 
the other hand, if S decreases as the concentration is raised, the 
dissolved substance will collect in the surface layer. This im- 
poverishment or enrichment of the surface phase does not continue 
indefinitely. A point is reached at which the action is balanced 
by a counter movement due to diffusion. The excess or de- 
ficiency of the solute in the superficial phase may be calculated by 
means of Gibbs’ equation. 

Consider a closed surface drawn about the portion of the inter- 
face at which the conditions are to be investigated. Let it contain 
parts of the two homogeneous phases, and cut the non-homo- 
geneous parts normally to the interface. The actual volume 
contained within this enclosure thus formed is divided into two 
parts by a dividing surface, drawn parallel to, and sensibly coin- 
cident with, the actual surface. The amounts of internal energy, 
entropy and masses of the components within the enclosure will 
differ from those amounts which would be present if the homo- 
geneous phases extended, without change, up to the dividing 
surface. Let these differences be and etc.y respec- 

tively. Then the variation in for a small change, in the 
area of the dividing surface, is, from equation ( 14 ), 

+ ShA + -h . . .. . (34) 

where is equivalent to — phvy the work done on the surface 

in stretching it under isothermal conditions, and the masses in 

the superficial layer are assumed to increase simultaneously, so 

that the concentrations of these masses remain constant. If these 

conditions hold, and the surface area is increased by unit area, we 
have 




E'=T4,' + S + F,C, + . . 


• (35) 
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E\ <f>\ C, representing the excess amounts of internal energy, 
entropy and masses, respectively, per unit area of the dividing 
surface, i.e., they represent what we may term the surface densities 
of these physical quantities in the dividing surface. Differentiat- 
ing equation (35), and utilising equation (14) in the result, we 
have 

-I- 85 + CjSFi + . . . = o. . . (36) 

If the temperature remains constant, and there are two components, 

85 = - C18F1 — C2SF2, 

which reduces to 

85 = — C28F2, .... (37) 


if Cl is negligible compared with C2. 
From equation (17) 



Hence we see that Fg is the amount of work necessary to introduce 
unit mass of one component, and, therefore, if the solution is 
dilute, this work is proportional to iJTlogP, where P is the 
osmotic pressure exerted by the component. Thus we may 
write F2 in the form, 

F2 = a + i^riog C, . . . (38) 


where a is a constant, and C is the final concentration in moles of 
the component, i.e., the actual concentration in the bulk of the 
solution. Hence, 

85 = — C^RThiXo^ C), 


or 


Co = - 


I 35 

RT * 3(log C) 


C 35 
RT * 3C* 


• (39) 


where is the quantity of solute transferred from the interior 
of the liquid to the interface, and is positive, or negative, accord- 
ing as the addition of solute decreases, or raises, the surface tension 
of the solution. In other words, if there are two components in 
a liquid, and the surface tension is increased when the concentra- 
tion of one component is raised, then the surface concentration of 
that component, relative to the other, is lowered. It will be 
noted that C is the actual concentration of the component in the 
bulk of the solution, due allowance being made for the fact that 
in the surface layer the component is present to a greater or less 
extent than in the bulk. 

Gibbs' theorem., embodied in equation (39), has been verified 
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experimentally, and it covers a wide field. Thus, the addition of 
a solute to a solvent will cause marked changes in the composition 
of the surface phase if the solvent and solution possess diflferent 
surface tensions. 

This surface concentration, or tendency for molecules to pass 
to, and remain at, an interface, is identified with the phenomenon 
of adsorption. 
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CHAPTER II. 

ELECTROLYSIS. 

17. Introduction. — Electrical conductivity is a property 
common to all substances, and an electric current passing through 
matter may, or may not, be accompanied by a simultaneous 
transfer of the matter. Metals conduct without such transference, 
but material effects are associated with the conduction process in 
certain substances, termed electrolytes. Metallic conductors are 
characterised by having relatively high conductivities, the con- 
ductivity decreasing as the temperature is raised. Electrolytes 
show the opposite temperature effect. Metallic and electrolytic 
conduction are not, however, unrelated, as sometimes these two 
processes take place more or less simultaneously, and the current 
is conducted partly by one process, and in part by the other. 

There are two classes of electrolytic conductors, vtz.y fused 
salts, which conduct in the pure state, and secondly, substances 
which conduct when they are dissolved in non-conducting solvents, 
such solutions being termed electrolytic solutions. Both solute and 
solvent may be very poor conductors as, for example, pure hydro- 
chloric acid and water, but if these two substances are mixed, the 
resulting solution possesses considerable conductivity. This pro- 
perty of forming electrolytic solutions is not restricted to water, 
but is common to many solvents, including the alcohols, liquid 
sulphur dioxide and many others. It seems to depend upon the 
dielectric constant of the solvent. On the whole, the value of the 
conductivity of salt solutions becomes greater as the specific induc- 
tive capacity of the solvent increases, but the power of conducting 
electricity is never completely lost, even if the specific inductive 
capacity of the solvent has a very low value. 

18. Electrolysis. — Electrolytic solutions give rise to many 
reactions and phenomena which are not shown by any other class 
of substances. If an electric current is passed between platinum 
plates, immersed in a dilute sulphuric acid solution, the latter 
appears to suffer chemical decomposition to some extent, oxygen 
being liberated at the anode and hydrogen at the kathode.* This 
phenomenon is termed electrolysis. 

• That electrode, by means of which the current enters a solution, is termed 
the anode, and the other electrode the kathode. 
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Since sulphuric acid, in the pure state, and water are non- 
conductors, it is assumed that the acid in aqueous solution differs 
in some manner from its nature in the pure state. The molecule 
of acid is considered to consist of two parts, one, hydrogen, bearing 
positive electricity, and the other, the radical SO4, carrying nega- 
tive electricity, these electrical charges being equal, so that on the 
whole the molecule is neutral. Atoms and radicals which carry 
electrical charges in this manner are termed ions. Although the 
sulphuric acid molecule, in the absence of solvents, is very stable, 
it is readily dissociated, or ionised, into its constituent ions in the 
presence of certain solvents, particularly water, the dissociation 
being represented by the equation, 

H 2 S 04 -> + SOr“. 

The symbol stands for a hydrogen atom carrying one unit of 
positive electrical charge, this hydrogen ion being often termed a 
hydrion. The radical ion SO4 carries two units of negative 
electrical charge, the actual unit of electrical charge being that 
associated with the electron. It is evident that if these ions exist 
throughout the bulk of the solution, an applied potential difference 
will cause the negatively charged ions, termed the anions^ to move 
towards the anode, while the positively charged ions, kationSy will 
migrate towards the kathode. We may therefore represent the 
electrolysis of an aqueous solution of sulphuric acid by the scheme, 

At anode 
liberated 

t 

2SO4" 2SO4" + 2H2O ^ 2H2SO4 -h O2 + 4© 



2H2SO4 

4® + 2H2 2H+ -t- 2H+ 

liberated 
At kathode 

where 4 © and 4 © represent the liberation of four units of 

positive, and four units of negative electrical charge, respectively, 
at the appropriate electrodes. 

Thus we see that the constituents of water are liberated in the 
same proportion, by volume, as they exist in water, and, for this 
reason, the phenomenon is often erroneously referred to as the 
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electrolysis of water. It will be noted that the oxygen is a product 
of the secondary reaction between the SO4 ion and water. If 
copper sulphate solution is substituted for the acid, copper is de- 
posited upon the kathode, which thus becomes electroplated, and 
oxygen is again liberated in the immediate neighbourhood of the 
anode, the solution round about this electrode developing acidity 
according to the reaction : — 

2SO4 + 2H2O -> 2H2SO4 + O2 -j- 4 ©. 

With a sodium hydroxide solution the sodium ions, deprived of 
their charge, react with the water in the vicinity of the kathode, 
producing sodium hydroxide and hydrogen gas. 

Except in a few cases, an element, or radical, if present in a 
solution, is always deposited at the same electrode from whatever 
compound it comes, but a study of the products of electrolysis 
does not necessarily indicate the ions actually involved in the 
passage of electricity through the electrolyte. For example, the 
electrolysis of an aqueous solution of potassium, or sodium, silver 
cyanide is a complicated process, and the nature of the actual ions 
present in the solution, which take part in the process, is not 
known with any degree of certainty. It was assumed, formerly, 
that the alkali metal formed the kation, and the complex radical, 
Ag(CN)2“, the anion. On passing an electric current, it was 
supposed that the alkali-metal ion was first discharged at the 
kathode, and the sodium or potassium thus produced then re- 
acted with the argentocyanide ions to produce silver, thus, 

K+ ^ K + ©, 

K + Ag(CN)r ^ K+ + 2CN- + Ag, 

the silver being precipitated as the result of a secondary reaction. 
Glasstone,* however, has suggested that ions such as (AggCN)^ 
and (AggCN)^^ may exist in solution, being formed thus, 

Ag(CN)2- ^ Ag-^ + 2CN-, 

2 Ag-" + CN- ^ (Ag^CN)^. 

So that at the kathode we have 

(AgaCN)^ ^ Ag+ + CN- + Ag + @ 

precipitated. 


Jour. Chem. 'Soc., 132, 690 ( 1929 ). 
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Hittorf * found that with platinic chloride solutions platinum 
was deposited at the anode, while Kohlrausch f noted that with 
an aqueous solution of this salt nothing apparently happened at 
the kathode, if small current densities were used, whereas if the 
current density was increased, a grey deposit was formed on the 
electrode. 

A concentrated solution of sodium acetate, when electrolysed, 
gives rise to hydrogen gas at the kathode and a mixture of ethane 
and carbon dioxide at the anode, the hydrogen coming from the 
secondary reaction between sodium and water. 

Another interesting case of electrolysis is that of hydrochloric 
acid solution. If the solution is weak, and a small current density 
is used, oxygen appears at the anode, instead of the expected 
chlorine. To explain this fact it must be remembered that 
although ions may be present in the immediate vicinity of an 
electrode, a certain potential difference, known as the deposition 
potential, which varies with the nature of the ion, must be applied 
to deposit these ions. Obviously those ions having the smallest 
deposition-potential value are the first to be deposited. Water is 
always slightly dissociated into its constituent ions, and OH“, 
and since OH~ has a smaller deposition potential than that of 
Cl the former is deposited in preference, as it w^ere, to the Cl". 
If the rate of supply of the OH” ions is equal to their rate of 
deposition, it is evident that little, if any, chlorine will appear. 
This is so with weak solutions and small current densities. If 
both the concentration of the solution and the current density are 
raised, then chlorine is liberated in addition to the oxygen gas. 

The examples quoted above indicate that a molecule of an 
electrolyte may dissociate into tw^o or more ions, the actual number 
of ions depending upon the type of electrolyte. The molecule of 
a binary electrolyte, such as KCl, gives rise to two ions, while the 
molecule of a tertiary electrolyte such as H 2 SO 4 may dissociate 
into three ions. If both ions formed from the molecule of an 
^ectrolyte are univalent, the electrolyte is said to be uni-univalent , 
bi-bivalent if both are bivalent, and uni-bivalent if the kation is 
univalent and the anion bivalent. 

19. Faraday*s law of electrolysis. — The earliest systematic 
study of electrolysis was made by Faraday, J and electrolysing 
acidulated water he found that the amount of decomposition 
was proportional to the quantity of electricity passed through the 
solution. He then showed that the same law w'as true for solu- 

• Pogg. Ann., 106 517 (1859). f wied. Ann., 63 , 423 (1897). 

J Lxperunental Researches (1833). 
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tions of various metallic salts, and also for salts in a state of fusion. 
In all cases the weight of material deposited was always the same 
for identical quantities of electricity, and was independent of 
current strength, size of electrodes and other variables. 

In addition, he also found that the mass of ion liberated by a 
definite quantity of electricity was proportional to its chemical 
equivalent. For example, if the same quantity of electricity is 
passed through ditferent solutions from which the following ions, 
hydrogen, oxygen, silver and chlorine, may be deposited, then 
for every i gram of hydrogen liberated, there are 8 grams of 
oxygen, io8 grams of silver, and 35*5 grams of chlorine set free at 
the appropriate electrodes. 

These two laws of electrolysis may be incorporated in the 
equation, 

u' = zQ, .... (40) 

where w is the weight, in grams, of the ion deposited at the elec- 
trode during the passage of Q coulombs of electricity, and x?, 
termed the electro-chemical equivalent of the ion, is the weight, in 
grams, of the ion deposited per coulomb. This equation implies 
that no current flows without a corresponding amount of de- 
position at the electrodes, f.e., there is no leakage of the current 
unaccompanied by the transference of matter. 

20 . Voltameters. — Assuming the truth of Faraday’s law of 
electrolysis, equation (40) gives a method of measuring the quan- 
tity of electricity which has passed through an electrolytic solution 
in a given time, and hence of measuring the average current. 
An electrolytic cell used in this manner is termed a voltameter. 
The oldest of these instruments is of the electrolytic gas type in 
which hydrogen and oxygen are separated and collected, either 
singly in calibrated tubes, or together in one tube. Formerly, the 
electrolyte employed was dilute sulphuric acid, but secondary 
reactions arise at the expense of the oxygen, and sulphuric acid is 
now replaced by phosphoric acid, or potassium and barium 
hydroxides. The gas volume must be reduced to normal tem- 
perature and pressure, due allowance being made for the water 
vapour pressure. On account of the inaccuracies of this type of 
voltameter it has now been superseded by the silver and copper 
voltameters. 

In one type of copper voltameter, Fig, 3, the anode consists of 
two copper plates, AA, fixed in a circular disc of wood or ebonite, 
and the kathode, K, of copper, may be removed for weighing. 
The solution contains about 20 to 25 grams of crystallised copper 
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sulphate to 8o grams of water, together with i per cent, of con- 
centrated sulphuric acid. The weight of copper deposited during 
a measured time interval is determined and, knowing the electro- 
chemical equivalent of copper, the average current during the 
experiment is calculated with the aid of equation (40). 

For accurate work the silver voltameter is preferred ; in fact, 
the international ampere is defined as that unvarying electric 
current which y when passed through a solution of silver nitrate in 
watery in accordance with certain specifications y deposits silver at 
the rate of o-ooi 1 1800 of a gram per second. The electrolyte must 



consist of a solution of from 15 to 20 parts by weight of silver 
nitrate in 100 parts of distilled water, the anode being of silver 
and the kathode preferably of platinum. The current density at 
the anode should not exceed 0*2 amp. per sq. cm., and at the 
kathode 0*02 amp. per sq. cm. Care must be taken that no 
particles, which may become mechanically detached from the 
anode, reach the kathode. It has been found that if the electrolyte 
contains oxide, carbonate, chloride or hyponitrite, the mass de- 
posited is heavier than that set free from a pure solution of the 
nitrate. 
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The Smith type of voltameter is the one usually preferred in 
standard measurements. The anode A, Fig. 4, is in the form 
of a silver disc, coated with electrolytically deposited silver. This 
chsc is contained in a shallow glass basin, B, with a ground edge, 
the basin being supported by means of a glass rod, R, passing 
through a hole in the centre of the disc. A glass cylinder, G, the 
lower end of which is ground, fits over the basin, and is used 
before and after the electrolysis to separate the electrolyte into 
two parts. A silver rod, S, supports the silver disc, and a glass 
tube fits over its lower end to prevent undue electrolysis of the 
rod. The kathode is a silver bowl, K. During electrolysis, the 
glass cylinder is raised, but its lower end is always immersed in 
the electrol3rte. On the whole, however, the deposits obtained 
with all forms of voltameters agree, provided that the electrolyte 
is pure and does not become contaminated during electrolysis. 

In the Rayleigh type of voltameter the anode consists of a 
plate, or rod, of pure silver wrapped in a filter paper, and the 
kathode is a platinum crucible. The filter paper prevents the 
black powder of disintegrated silver from falling upon the de- 
posited silver in the crucible. 

21. Theoretical considerations. — Assuming that the elec- 
tric current passing through an electrolytic solution is due entirely 
to the ions, the value of the current is proportional to the number 
of ions, and to the velocity with which they move when an electric 
force is applied to the solution. Ionisation of the dissolved mole- 
cules may be spontaneous or it may be produced by the electric 
If it is forced the rate of dissociation can be represented by 
/i(E)— a function of the applied potential difference. The ionic 
velocity must also be some function of E, say /.(E), and therefore 
the electric current is proportional to /,(E) .//E). This product 
is unlikely to be proportional to the first power of E, as it should 
be if Ohm's law holds, as it does, for electrolytic solutions. Thus 
we conclude that ionisation is entirely spontaneous, and is brought 
about by the act of solution. The ions exist before any electric 
field is applied ; the latter merely directs the ions towards their 
appropriate electrodes. If the ionisation is spontaneous, it may 
be complete or partial, and if partial, then it will be permanent or 
intermittent. Various experimental facts, which will be considered 
later, indicate that in general ionisation is not complete. 

Consider a solution of definite concentration. The ions will 
share the kinetic energy of the molecules present, and will there- 
fore travel from one place to another. During the course of their 
wanderings oppositely charged ions will collide and reunite to form 
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a molecule. But we must assume that there is equilibrium 
within the solution, the rate of ionisation being equal to this rate 
of recombination, so that for every molecule re-formed one must 
be ionised. In other words, the partial ionisation is intermittent . 

The undissociated molecules do not contribute to the current, 
and other things being equal, a solution will have a smaller resist- 
ance, the larger the fraction of dissociated molecules present in 
the solution. The separation of an electrolyte into its constituents 
is entirely a spontaneous process accompanying the act of solution. 
It is neither a part of the electrolysis process, nor is it dependent 
in any manner upon the introduction of a potential difference 
within the solution. It is, however, a precursor of electrolysis. 
The ions Na^ and CL, for example, stand free in every part of a 
sodium chloride solution, and are directed by the applied potential 
difference to the kathode and anode, respectively. As these ions 
are conveyed to the electrodes, it is evident that the weight of ions 
deposited must be proportional to the quantity of electricity 
passing through the solution. This fact was discovered by 
Faraday long before any theory of electrolytic dissociation had 
been formulated. 

It is very remarkable that similar ions may have different 
charges under different conditions ; thus the iron ion, produced 
by the dissociation of ferrous chloride, is divalent ; — 

FeCl^^ Fe^-^ -h CL -f- CL, 

while the iron ion, formed by the dissociation of ferric chloride, 
is trivalent ; — 

FeCl3-^ Fe^^^ + CL -}- CL + CL. 

In general, the electrical charge upon an ion is by no means con- 
stant ; in fact, it varies with the valency of the ion. 

Since equivalent weights of ions are deposited by the passage 
of the same quantity of electricity through solutions, we associate 
each gram equivalent of an ion with a definite charge, which is 
shown later to be 96,491 coulombs. The electricity is firmly 
bound to the ion, and can only be given up at the electrodes, 
the ion then ceasing to exist as such. It is easy to understand 
that equivalent quantities of different substances are charged with 
the same amount of electricity, for when solutions of two elec- 
trolytes are mixed, say calcium chloride, CaClg, and sodium 
nitrate, NaNOs, partial exchange takes place, and there are formed 
sodium chloride, NaCl, and calcium nitrate, Ca(N03)2. Now if 
one atom of calcium, two equivalents, were not charged with 
the same quantity of electricity as two NO, radicals, or the two 
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sodium atoms originally combined with these, but had a greater 
positive charge, the molecules of calcium nitrate, Ca(NO;,).,, 
would be positively, and the sodium chloride molecules negatively, 
charged, since the original solutions were electrically neutral. By 
means of physical or chemical processes the substances could be 
separated, and after this separation the solutions should he elec- 
trically charged. As not the slightest charge can be found on the 
solutions, it must be assumed that equivalent quantities of the 
various substances, i.e., ions, have the same charge. 

If we represent a dissolved salt by MX, where M and X refer 
to the metallic and radical parts, respectively, the passage of vF 
coulombs electrolyses m -|- x grams of the solute, where v is the 
valency of each ion, F the charge associated with i gram equiva- 
lent of a univalent ion,* and m and x are the atomic weig its of 
M and X, respectively. Thus m grams of I\I, bearing i'/*' coulombs 
of positive charge, will be deposited at the kathode and .v grams 
of X at the anode, these latter ions conveying a negative charge of 
vF coulombs. This association of a definite charge with a definite 
mass of ion holds throughout the volume of the solution, and two 
streams of matter pass in opposite directions if a potential differ- 
ence is applied. 

The theory of spontaneous electrolytic dissociation is confirmed 
by other physical phenomena. It has been shown, previously, 
that equimolecular solutions of non-dissociating solutes give the 
same molecular depression of the freezing-point temperature, but 
a dilute aqueous solution of potassium chloride has a molecular 
depression which is practically double the normal value. It is 
necessary to infer, therefore, that the number of particles in the 
chloride solution is nearly double the number of dissolved mole- 
cules of salt. In other words, practically all of the molecules have 
dissociated into their constituent ions. 

22. Electro-chemical equivalents. — The electro-chemical 
equivalent of an element may be calculated from known physical 
constants. Thus, the atomic weight of hydrogen is 1*0077, and 
if we assume that the hydrogen ion in solution carries the unit 
of electrical charge, viz., 4-774 X lo-^** electrostatic unit, or 
1-592 X io“ 2 o electromagnetic unit, this amount of charge passes 
to the kathode for every hydrogen ion deposited thereon. Hence 
the number of hydrogen atoms — ions deprived of their electric 
charge — liberated by the passage of unit electromagnetic charge is 

“592 ^ io~ 2 o* number of molecules in a mole of hydrogen. 


Now usually called the faraday. 

3 
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i.e., the number of atoms in a gram-atom,* is 6 062 X lo^^, and 
since the mass of the hydrogen atom is 1-663 X gram’, the 

amount of hydrogen liberated by the passage of the unit electro- 


magnetic charge is 


X 1-663 X 10 24 — 1-045 X 10“^ 


1592 X IO "20 

gram, or the weight of hydrogen deposited at a kathode when 
I ampere flows through an electrolytic solution containing hydrogen 

TABLE I. 

Electro-Chemical Equivalents. 


Element. 


Barium . 

Bromine . 

Cadmium 
Calcium , 

Chlorine . 

Cobalt 

Copper (cupric) 

.. (cuprous) 
Gold 

Hydrogen 
Iodine 
Iron (ferric) 

,, (ferrous) 

Lead 

Mercury (mercuric) 

.. (mercurous) 
Nickel 

Oxygen . 

Potassium 
Silver 
Sodium . 

Tin (stannic) 

>» (stannous) 

Zinc 


Atomic Weight. 


137-37 

79916 

112-41 

40-07 

35-458 

58-97 

6357 

6357 

197-2 

1-0077 

126-932 

55-84 

55-84 

207-20 

200-6i 

200-6i 

58-69 

16-00 

3909s 

107-880 

22-997 
1 18-70 
1 18-70 
65-38 


N'alcncy. 


2 

1 

2 
X 
2 
2 
I 

3 

I 

1 

3 

2 
2 
2 

X 

2 

2 

X 

1 

1 

4 

2 

2 


Electro-chemical 

Equivalent* 

Cram per Coulomb 
X lo^. 


7123 

8-287 

5- 829 

2- 078 

3- 677 
3-058 
3-296 

6- 592 

6-817 

0*104 

13164 

1- 930 

2- 895 

10-743 

10- 402 
20-804 

3- 043 
0-830 

4- 054 

11- 187 

2- 385 

3- 077 
6155 

3-390 


chemical ^ second. This is the electro- 

equivalent^of all^tii ° and from it the electro-chemical 

of an inr» w ^ actual weight, m grams, 

associated with an dectron * 




.n 




A gram-atom is the atomic weight in grama of an element 
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If W is the atomic weight of an element, 

IV 

■ 

where F is the charge associated with i gram-equivalent * of an 
ion, and is equal to 6-062 x 10-^ x 1*592 X io“2o electro- 
magnetic units, or 96,491 coulombs. 

The calculated values of the electro-chemical equivalents of 
some elements are given in Table I. 
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CHAPTER III. 


ELECTROLYTIC CONDUCTANCE OF SOLUTIONS. 


23 . The electrolytic conduction process. — If an electrical 
potential diflference is applied to an electrolytic solution, the ions 
within the latter will be subjected to an accelerating force accord- 
ing to the ordinary laws of electricity. In addition, the medium 
through which the ions move will exert upon them a viscous 
drag, or retarding force, the value of which depends upon the 
size of the ion, its velocity and the coefficient of viscosity of the 
solvent. Thus, the ion will accelerate until the two opposing 
forces become equal, after which it continues to travel with a steady 
velocity. 

Consider a particle of mass m moving along the x direction 
under the influence of a mechanical force, X. If the velocity, m, 
of the particle is small, the retarding force is proportional to u 
and the equation of motion of the particle is 

= A” — kuy 


where k may be defined as the retarding force per unit velocity. 
Integrating this equation, and putting m = o at / = o, we get 


Id 



€ being the base of Naperian logarithms. Stokes * has shown that 
the retarding force acting on a sphere of radius h when it moves 
through a fluid is (urbriu^ where tj is the coefficient of viscosity 
of the medium. Hence, if we assume that the particle is spherical 
in shape, k in the above equation is equal to 677617, water at 

15° C. 7) = o*oi2 e.G.S. units, approximately, and we may take 
the radius of an ion to be about io“® cm., although different ions 
vary in size. Thus, 



m 


677617 


• Collected Papers, 3, 1 . 
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k 

where 0 is the density of the ion, so that - is of the order lo’’, and 

m 

increases rapidly with t towards the limit unity. The 
particle, in our case the ion, rapidly attains a steady velocity given 

byf. 

In an electrolytic solution containing N moles per c.c., let 
us assume that each mole is capable of dissociating into two 
gram ions, each of valency v, and therefore each carrying equal 
and opposite electrical charges ± pF. Let and denote the 
steady velocities in cms. per sec. of the anion and kation, respec- 
tively, developed under unit potential gradient, i volt per cm. 


Then, if is the actual potential gradient existing in the solution, 

each gram ion is subjected to a force > where F is the elec- 

trical charge upon a univalent gram ion, and the steady velocities 
of the kations and anions are respectively. 

If a represents the fraction of the molecules ionised, the total 
number of gram ions passing across a section perpendicular to the 

d'E, 

direction of flow, and of area A sq. cms., is aLNA{uK + ha)-^ . 


As each gram ion carries a charge ± rF, and as the kations and 
anions move in opposite directions, the total charge passing through 

dK 

this section per second, />.,the current, is <y.NA{uK -\- . vF, 

due allowance being made for the fact that the opposite kinds of 
charges move in opposite directions. By Ohm’s law the current 

dE 

across the section is also given by Aa-^^ where a is the specific 
conductivity of the solution. Thus, 

a ~ <tJN{uK + uj^vF, . . . ( 41 ) 

In obtaining this result, we have assumed a p'-valent binary elec- 
trolyte, but equation (41) holds generally. Thus, with a solute 
which we may represent by pa = qb ~ v, where a and b 

are the valencies of the radicals M and X, respectively. Hence, 
assuming the spontaneous ionisation hypothesis the specific con- 
ductivity of an electrolytic solution is directly proportional to the 
concentration of the ions, to the sum of the velocities with which 
they move, and to the charges which they carry. 
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As a rule, solutions of inorganic acids are the best conductors, 
followed by alkalis and salts. When increasing amounts of an 
electrolyte are added to water the conductivity of the resulting 
solution rises, attains a maximum, provided that the solubility 



Fig. s. — V ariation of specific conductance with concentration. 


of the substance permits of reaching a sufficiently high concentra- 
tion, and finally decreases. The results for a few solutions are 
shown in Fig. 5. 

24 . Equivalent conductivity. — The specific conductivity 
divided by the concentration, in moles per c.c., of the solution is 
termed the tnolecular conductivity^ and the specific conductivity 
per gram equivalent per c.c. or, as it is termed, the equivalent con- 
ductivity y or equivalent conductanccy Ay is given by 

A=;^= x(uK + ua)I'\ . . (42) 

Its value depends only upon the ionic velocities and the degree of 
ionisation. 

While in general the specific conductivity falls as the solution 
is diluted, the equivalent conductance increases, tending towards 
a final limit, AQy at infinitely great dilution. This is illustrated 
by the early measurements of Kohlrausch and Grotian * on the 
conductivity of aqueous sodium chloride and other solutions. 
Some of their results for various electrolytes are given in Fig. 6. 
As the measurements had to be taken over a very wide range of 
concentrations Kohlrausch recommended the use of diagrams in 
which the cube root of the concentration is taken as abscissa, and 
the equivalent conductance as ordinate. Curves so drawn are 


Pogs- Ann., 154 , 1 (1875). 
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often nearly linear. In other cases it is more convenient to plot 
the logarithm of the concentration. 

To account for the variation of equivalent conductance with 
concentration, let us differentiate, with respect to concentration, 
equation (42). We have 


dA r d , , , 



dA 


and since A increases as N decreases, must be negative. In 

other words, both or either of the expressions -f- uj), 

must be negative. Hence, either the ionic velocity must depend 



Fig. 6. — Variation of equivalent conductance with concentration. 


upon the solution strength, increasing with dilution, or the degree 
of ionisation must increase as the solution becomes more dilute. 
There is certain evidence that the viscosity of the solution affects 
the ionic velocity, but with very dilute solutions the viscosity 
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must be practically that of water. Kohlrausch * has shown that 
for dilute electrolytic aqueous solutions the fractional rate of 
change of electrolytic resistance with temperature is equal to the 
viscosity temperature coefficient of water, and from this it has 

been inferred that = o when N = o, i.e.y variations 

in the value of A for dilute solutions with change in concentration 

dy. 

are attributed primarily to changes in the coefficient Kohl- 

rausch f considered that the ion was not a simple sphere, but 
rather the centre of a group of molecules, each ion moving, as it 
were, in a shell of water. This idea of hydration of the ions has 
been followed up to such an extent that it is now universally 
accepted. The size of the shell seems to depend upon the dilution, 
weaker solutions giving rise to larger shells around the ions. If 
this is so, the effective radius of the ion increases, and its velocity 

decreases, with increased dilution, so that + “a) > o. Hence, 


dy. 


must be negative, and the fraction of the molecules ionised 


becomes greater as the solution gets weaker. Recently, Debye 
and Hiickel J have introduced a new theory of complete ionisation 
in dilute solutions, the maximum concentration at which ionisation 
is complete depending upon the character of solvent and solute. 
In badly conducting aqueous solutions, the so-called weak elec- 
trolytes^ such as phosphoric acid magnesium oxalate, etc.^ com- 
plete ionisation is never reached ; intermediate electrolyteSy e.g.j 
iodic acid, can be regarded as completely ionised below o-oooi 
normal, while electrolytes of comparatively high conductivity, the 
so-called strong electrolytes y such as the uni-univalent salts, may 
be considered completely ionised at much higher concentrations 
than this value. The theory of strong electrolytes will be dis- 
cussed in greater detail later.§ 

When measuring the conductance of any solution, the conduc- 
tivity of the solvent, particularly that of water, must be taken into 
account, the conductivity of water itself being due to dissolved 
impurities, such as ammonia, carbon dioxide, etc. In practice a 
correction factor is introduced by subtracting from the con- 
ductivity of the solution that of the water. A more accurate 
method of correcting for this error is given in section ( 136 ). 

The values of the equivalent conductance of various electro- 


• Proc. Roy. Soc., A, 71 , 338 (1Q03). 
t Phys. Zeits., 24 , 185 (1923) ; 24 , 305 (1923). 


+ Lor. cit. 

§ See Chapter X. 
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lytes in water at i8° C. are given in Table IL* 'I'he concentra- 
tions are expressed in gram-equivalents per litre, a normal solution, 
N, containing i gram-equivalent per litre. f 


TABLE II. 


Values of the Equivale.nt Conductance, a, of Electrolytes at i 8 ^ C. 


£lectru)yt«. 


Equivalent Conductance at Dificreut Concentratiuiis. 


o-oiN. o-oaN. 0-05N’. o-ioN. o-aoN. o-soN. I’ooX 


NaCl 

KCl 

LiCl 

KBr 

KI . 

KSCN 

NaNOa . 

KNOa 

AgNOa 

KClOa 

KBrOa 

NalOa 

KIO, 

HCl 

HNO, 

BaCl, 

CaCla 

CdCU 

Cdia 

Ba(NO,)* . 

Mg(NOa)s 
K,S04 
NaaSO* . 
AgjSO, 

KjC.O* . 

HaSO^ 

MgS 04 . 

ZnS 04 

CdS04 

CUSO4 

MgC.04 . 
K4Fe(CN), 
CaaFe(CN)4 


101-88 
122-37 
91-97 
124-31 
123-44 
113-87 
98-07 
1 18-10 

107-80 
1 1 1*64 
104-7 
70-86 
91-24 

3693 

365-0 

106-67 

103-37 

82-2 

64-8 

100-96 

94- 65 

1 15-8 

95- 7 

102-9 

112-83 

3090 

76-21 

72-9 

70- 34 

71- 74 

29-6 


99'55 
1 19*90 

8975 

121-78 

121’10 

111-51 

95 57 
115-12 
105-1 

108-81 
102-0 
68-56 
88-64 

365-5 

102-53 

99-38 
74-2 
530 
95-66 
90-9 
3 


95- 66 
1 15-69 

85- 97 

1 17-69 
1 17-26 

107-67 

91-35 

109-78 

99-50 

103-74 

97-3 

64-43 

84- 06 

358-4 

353-7 

96- 04 
93-29 
62-1 
39-0 

86- 81 

85- 3 


96-1 

108-07 


67-68 

63*8 

60*95 

62-40 

23-0 



100-77 

253-5 

56-92 

52-8 

49-60 



91-96 

111-97 

82-28 
1 14-14 
113*98 

104-21 

87- 16 
104-71 

94-33 

99-19 

93- 0 

60-46 

79- 67 
351-4 
346-4 

90-78 

88- 19 
50-1 

29-5 

78-94 

80- 5 

94 - 9 

7707 

94-79 

233-3 

49*68 

45-4 

42*21 
43-85 
7 
9 


8767 

107*90 

77-80 

I 10*32 


82*21 

98-67 


93-73 

87-8 

55-45 

74-34 


80-89 

102*36 

70-60 

105-30 

Io6’2 

95-63 

73-99 

89-18 

77-5 

85-28 


74-31 

98-22 

63-27 

103-60 

91 55 
65-81 
80-41 
67-6 



23-3 

70-18 

753 

87-7 

69-95 


77-29 

74-92 

30-4 

i8’i 

56-60 


70-14 

67-54 

21-4 

15-1 



43-19 

391 

35-89 

37-66 


77-8 

32-9 


28-74 


28-91 

26*2 

23-58 

25-77 


25. Determination of the degree of ionisation. — 
Assuming that with weak solutions -f- is independent of 
the strength of a solution, and that for very great dilution a= i, 
we have from equation (42), 

^ “ "T* - . . . (43) 

•<lo 

• See Noyes and Falk, Jour. Amer. Chem. Soc.^ 34 , 454 {1912). 
t Throughout this work conductance, or conductivity, is expressed in re- 
ciprocal ohms. 
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Accordingly, we may calculate the fraction of an electrolyte 
which is in the ionised condition if we know the equivalent con- 
ductance and the limiting value which this quantity assumes at 
infinite dilution.* It is obvious, however, that if the viscosity of 
a solution changes with concentration, the speed of the ions, to 
which the conductivity of the solution is due, will also vary with 
the concentration. If this is so, then the conductivity ratio, 
given by equation (43), no longer measures correctly the degree of 
ionisation. Usually it is assumed that the velocity of the ions, 
and therefore the equivalent conductance, is inversely propor- 
tional to the coefficient of viscosity of the solution. Thus, 



where is the coefficient of viscosity of the solution and 170 
the pure solvent. It must be noted, however, that while there is 
every reason for believing that the viscosity of the solution entails 
a change in the speed of the ions, in general, this change is prob- 
^bly not directly proportional to the change in the viscosity of the 
liquid. As a rule the viscosity effects are small at concentrations 
below 0‘0i normal. 


It has been pointed out, previously, that aqueous salt solutions 
give abnormal freezing-point temperature depressions, and van’t 
Hoff -f introduced a factor i where 



M being the molecular weight, assumed equal to the formula 
weight of the dissolved electrolyte, and A/q that calculated from 
freezing-point measurements. Hence, 


/=!+(« — i)a, . . . (46) 


where n is the number of ions resulting from the dissociation of a 
single molecule. Obviously the values of a, as calculated from 
freezing-point determinations, should agree with those deter- 
mined from conductivity measurements. Values of a, the degree 
of ionisation expressed as a percentage, for different electrolytes 
^ various concentrations in water, are given in Table III.J 
.P. and C.R. refer to the freezing-point and conductance methods, 
respectively, by means of which the corresponding values of a 
have been calculated. 


+ Is V ^ 'if * 1. 631 ri 887 ) ; 2, 491 (1888). 

t Sv. Vet-Ak^. Handlmgar, 21, No. 17, 48 (i 886). 

t Noyes and Falk, /oc. W/. ^ v*oow;. 
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TABLE III. 

Degree of Ionisation of Electrolytic Aqueocs Solutions at i8 C. 


Electrolyte* 

KCl 

/F.P. 

\C.R. 

• 

• 

NaCl 

/F.P. 

\C.R. 


LiCl 

TF.P. 

\C.R. 

• 

* 

KBr 

/F.P. 

\C.R. 

• 

• 

KNO3 

/ F.P. 
\C.R. 

• 

* 

KIO3 

TF.P. 

\C.R. 

• 

« 

NalO, 

/F.P. 

\C.R. 

• 

« 

HCl 

/ F.P. 
VC.R. 

• 

• 

CaCI, 

/ F.P. 
VC.R. 

• 

• 

Cdl, 

/ F.P. 
VC.R. 

4 

4 

Ba(NO,)* 

/ F.P. 
VC.R. 

• 

4 

KjSO. 

/F.P. 

VC.R. 

4 

• 

Na,S 04 

/F.P. 

VC.R. 

* 

4 

MgS 04 

/F.P. 

VC.R. 

• 

4 

CUSO4 

/F.P. 

VC.R. 

• 

4 

ZnS04 

/F.P. 

VC.R. 

• 

4 

K,Fe(CN)8 

/ F.P. 
\C.R. 

4 

4 


Percentage lonUation at DifTerciit Concentrations. 


0*005 N. 

0*0X0 N* 

0*020 N* 

0*050X4 

o’looN, 

0*200 N. 

0*500 N. 

96*3 

94*3 

91-8 

88*5 

86*1 

833 

800 

95-6 

94*1 

92‘2 

88-9 

86*0 

827 

77*9 

95*3 

93-8 

92*2 

89*2 

875 

85*0 

82*4 

953 

93*6 

9X *6 

88*2 

852 

8i*8 

ITZ 

944 

93*7 

92*8 

9 X *2 

90*1 



94*9 

93*2 

89*0 

878 

84*6 

8i*2 

76*6 


' 

92*9 

88*9 

86*3 

839 

81*3 

955 

94*0 

92*1 

88-8 

85-9 

82 s 

76*6 

■ 

90*1 

88*0 

83*6 

781 

711 


95*3 

93*5 

91*1 

86*7 

82*4 

77*2 

68*8 

94 * X 

91*3 

88*2 

82*8 i 

76 s 



94*6 

92*8 

90*3 

86*0 1 

8i*9 

77*5 


93*9 

91*6 

89*0 

84*2 

77*3 


- 

93*9 

91*7 

890 

84*2 

8o‘i 

75-2 

1 

99 - 1 

975 

957 

93*3 

91*7 


. 

98*1 i 

97*2 

96*2 

94*4 , 






87*6 

83*7 

8i*s 

80-4 


91*0 

88*2 

849 

8o*2 

76-4 

72*7 

68*8 


593 

54*0 

40-0 

22*5 

10*0 


67 s 

57*3 

46*9 



1 



91-7 

88*8 

85*5 

■ 





89*8 

86-1 

8i*8 

74*4 

67*9 

60-9 

50*4 

92*9 

89*9 

857 

78-5 

730 

66*7 

56-8 

905 

87*2 

83*2 

77-1 

1 72-2 

673 

61*8 



86*7 

79*5 

73-6 

67*2 

567 

89-3 

857 

— 

75*6 

70*4 

65*2 


694 

61 *8 

53*6 

42*0 

32*4 

22*3 

8*4 

740 1 

66*9 

59-6 

50*6 

44*9 



6i*6 

545 

45-5 

31*8 




70*9 

62*9 

550 

45*5 

39*6 

35*1 


66*5 

58*2 

489 






71*0 

633 

55-6 

46*4 

405 

36*0 


894 

86*8 

77-8 





86*9 

82*7 



— ■ 




It Will be observed that the degree of ionisation of salts of the 
same type, such as, for example, salts composed of univalent 
radicals, is approximately the same at the same concentration, 
and this is particularly true at the lower concentrations, where the 
divergence in many cases is scarcely greater than the experi- 
mental error. The strong acids and bases, however, have a 
markedly higher ionisation than the salts, and salts of higher 
types exhibit a lower degree of ionisation than simple salts. 

The two methods of calculating » give values which, for 
most uni-univalent substances, agree with each other within 2 per 


ELECTROLYTIC CONDUCTION 



cent, up to concentrations of o i N, and the same remark applies to 
uni-bivalent salts, K2SO4, Pb(N03)2, even up to 0*2 N. The 
halides and sulphates of bivalent metals, and also lithium chloride 
and sodium sulphate, on the other hand, show, as a rule, much 
larger deviations at concentrations of o*i N and 0-2 N. 

It must be remembered that the calculation of a from freezing- 
point depressions is based upon the principle that the ions and 
ionised molecules behave like the molecules of organic substances, 
while the calculation from conductance measurements assumes 
that the velocity of the ions is independent of their concentration, 
except in so far as the latter affects the viscosity of the solution. 
In addition, both methods involve the assumption that the only 
forms in which the substance exists in solution are the ultimate 
simple ions into which the molecules dissociate at great dilution, 
and the un-ionised molecules themselves. This last assumption is 
certainly fulfilled in the case of most uni-univalent electrolytes, 
but with salts of higher type there is always a possibility that the 
ionisation process, assumed in calculating the ionisation from the 
conductivity measurements, does not correspond to the true re- 
action. Thus, in determining a for CaClg, it is assumed that the 
reaction takes place according to the equation, 

CaCU Ca-^-" -h CL + CL, 

whereas intermediate ions, such as CaCL, may be formed thus, 

CaCl2-> CaCL + CL, 

m which case it is impossible to calculate the degree of ionisation 
from conductivity measurements. Noyes and Eastman * have 
established the existence of intermediate ions in sulphuric acid 
solutions, and Harkins j- has shown that intermediate ions are 
present in solutions of many salts of higher type. 

The molecular weights, as determined by methods involving 
osmotic pressure effects, may be expected t5 be in error, since the 
laws of dilute solutions are assumed in calculating their values, 
and It IS fairly certain that these laws do not apply. There is the 
possibility that where actual agreement exists between the values 
o a, etermmed by the two methods, it arises from corresponding 
maccuracies m the two methods, or from a compensation of errors. 

oyes and Falk J point out that the agreement really does arise 
trom such cornpensation, as is evident from the fact that the ionisa- 
lon va ues, derived from the conductance ratio, decrease with 
concentration far more slowly than expected. 


"[your. Amer. Chetn. 


Carnegie Reports, No. 
Soc., 33 , x8o8 (1911). 


19, 241. 


J Loc. cit. 
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26 . Independent migration of the ions.— Consider a 
simple case of conductance where the ions are deposited on the 

electrodes. From equation (41), — — will be the fraction of 

Wa' * 

the charge carried by the kations, and that conveyed by 

the anions. These ratios, which Hittorf * termed transference 
numbers of the kation and anion, respectively, may be denoted 
by the symbols and (i — n^). Hence, putting U — y.Fufi and 
V = ocFw^'we have from equation (42), 


A=U+V, 

F= (I - «a)/i| 


• (47) 


These relations express Kohlrausch's latv *)* of the independent migra- 
tion of the ions which states that, ifi a solution of a single electrolyte 
the two ions move independently of each other y in other words, the 
equivalent conductance of a binary electrolyte is equal to the sum 
of the conductances of the two ions, XJ and V being termed the 
equivalent conductances of the kation and anioUy respectively. The 
rules expressed in equations (47) hold good for those electrolytes 
which are completely dissociated, but they likewise apply to the 
comparison of electrolytes existing in the same state of dissocia- 
tion. When Kohlrausch developed his law, the difference between 
the free ions and the inactive molecules of an electrolyte was not 
recognised, but on verifying the law from his conductance measure- 
ments, the calculated values of the transference numbers were in 
good agreement with those determined by Hittorf in all cases 
where the electrolytes were in the same degree of dissociation, 
otherwise there were decided deviations. By measuring the 
equivalent conductance and transference numbers of dilute silver 
salts, Kohlrausch J showed that the relation between these quan- 
tities was strictly accurate when the two values refer to completely 
dissociated electrolytes. Kohlrausch’s law demands that the 
equivalent conductance at infinite dilution of the potassium ion, 
for example, should have the same value whether derived from 
chlorides, nitrates, etc.y and relations similar to the following 
should hold : — 

/lo(KCl) - /lo(NaCl) = ylo(KN03) — AoiNaNO^y 


• Pogg. Ann.y 89 , 177 (1853). \ Gottinger Nachrichten, 213 (1876). 

X Zeits. Elektroc.y 13 , 333 (1907)* 
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or, more generally, 

Ao(MX) - ylo(M'X) =Uo~ . . (48) 

Ferguson and Vogel * have examined this law of the independent 
migration of the ions, and compared their results with those ob- 
tained from the values of as measured by Kohlrausch. The 
comparative results for 18° C. are shown in Table IV. 

TABLE IV. 


Independent Migration of the Ions. 


Electrolytes, 


V.ilucs of AoCMX] - Ao[MX'j and 
Ao[MX] - AotM'X]. 


Ferguson and Vogel. 


Kohlrausch 


NaCl— NaNOa 
KCl— KNO3 
LiCI— LiNOa 

KCl— NaCI 
KNO3— NaNO 
KIO3— NalOa ' 

KCl— LiCl 

KNOa—LiNOa 
KlOa- LilOa 

NaCl— NalOa 
KCl— KIO3 

LiCl— LilOa 


3-54 

365 

367 

21'02 

20'9I 

21*00 

30*97 

30*99 

3101 

31-48 

31-50 

31-54 


3*66 

3-60 

3-70 

21*1 1 
21*17 
21*07 

31*22 

31-32 

31-13 

31-57 

31-61 

31-52 


1 e .1 * , ^ or mobility, of the ions.— Since the 

value ot the equivalent conductance, Ay is given by 

A=U~^Vy 

it is evident that if we know Ay and the value of the transference 
number, n^y where 

we may determine the value of U, the equivalent conductance, or 
mobthty as it is often called, of the kation. Subtracting the result 
frorn the value of A gives the mobility of the anion. Thus the 
equivalent conductance of potassium chloride in aqueous solution 
at infinite dilution is 130-14,1 the chloride transference number J 


^ ^ 

under the same conditions being 0 5040. T),e mobility of the 
C ion IS therefore 65-54, and that of the potassium ion, 64-60 
All these numbers refer to iS» C. Having determined, accurately, 
the potassium ion mobility, and knowing the values of for 
ifterent electrolytic solutions, we may proceed to calculate the 
mobilities of other ions by utilising the law of independent ionic 
migration, the value of Ag for potassium sulphate is n2-8^ • 
and therefore the mobility of the iSO,-' ion is 

132-85 — 64-60 = 68-25.t 

Assuming that the conductance of the chloride ion remains the 
same in all equi-concentrated aqueous solutions, at th- same 
temperature, it is evident that in hydrochloric acid, potassium 
chloride and sodium chloride solutions the anion carries the same 
current, and therefore the difference in the conducting powers of 
these electrolytes must be due to the difference in the conducting 
powers of the kations. The mobility of the hydrogen ion, al- 
tnough an important constant, has not yet been determined with 
any great degree of accuracy. Using the accurate results of Kraus 

'A acid and those of Parker § for hydrochloric 

acid, Ferguson and Vogel || calculated = 425 68 for hydrochloric 
acid and Aq = 389 54 for iodic acid, both measured at 25° C. 
As there are no accurate measurements of the conductivity of 
aqueous lodate solutions at 25° C., Ferguson and Vogel subtracted 
the value of the mobility at infinite dilution of the chloride ion— 
70-03 from the value of Aq for hydrochloric acid — 425-68 — and 
Obtained the value 349-05 for the hydrogen ion mobility at 2c° C 
±*rom this result they find that the mobility of the iodate ion, at 
infinite dilution and 25" C., is 40-49. The values of the equivalent 
conductances at infinite dilution of various ions, as calculated by 

^erguson and Vogel. 1 [ are given in Table V., together with those 
determined by Kohlrausch.** 

The hydrogen and hydroxyl ions are distinguished from the 
/ mobility values. This fact is in agreement 

with the comparatively great conductivity values shown by solu- 
tions of strong acids and bases. The mobilities of the different 
10ns appear to bear no simple relation to the ionic constitution. 

u lighter, and has a smaller atomic volume 

than the remaining alkali metals, has the smallest mobility. 

• See Ferguson and Vogel, ioc. cit. 

t See N^es and Falk, Jour. Amer. Chem. Soc. 33 , 1436 (ion) 

» 2429 (1922) ; 45 , 2029 i\QZz)! 

^ (*923). II Loc. cit. ^ 

^ , 4 , 233 (1927). 

Zeits. Elektroc., 8, 288, 626 (1902) ; 14 , 129 (1908). 
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TABLE V. 


Ionic Equivalent Conductance at Infinite Dilution. 



Ionic Equivalent Conductance 
(t/o)- 


Ionic Equivalent Conductance 

Kation. 

(Ferguson and Vogel.) 

(KohK 

rausch.) 

Anion. 

(Ferguson and Vogel.) 

(Koht- 

rausch.) 


m 

18“ C. 

25“ c. 

18“ c. 


D 

18’ c. 

m 

18* c. 

Na<- 

Li*- 

T 1 + 

Cs+ 

Ag+ 
iCa+ + 

iBa++ 
iPb+ + 
iMg+ + 

fcd+-*- 

iCu++ 

*Zn++ 

H + 

40’ 3 

25-5 

17-8 

43*5 

6460 

43*48 

33*53 

6553 

67*53 

54*36 

5219 

51*66 

55*04 

6i'6i 

45*78 

46*45 

45 * 9 * 

46*01 

N XTt 

N 1 1 1 1 1 1 1 1 1 1 

64-67 

43*55 

00-00 

68-2 

54*02 

56*3 

6i-< 

46-0 

45*6 

318 

ci- 

NO,- 

IO3- 

Br- 

I- 

F- 

CNS- 

CIO3- 

isor- 

ic.o,-- 

cio,- 

CHjCOO- 

Picratc 

Mn04 

OH- 

41 *2 

39*5 

20-3 

365 

i 4'7 

1 

1 

65*54 

61-83 

34*00 

67- 70 
6606 
46-77 
56*48 

54*97 

68- 25 
61-13 
54-80 
32-48 

25**4 

* 75*4 

76-63 

77*85 

1 

1 

1 

61-19 

65*44 

33*87 

6763 

66-40 

46-64 

56*63 

5503 

35*0 

*74 


1 ^ strength of the solution increases the ionic mobility is 

owered. Ferguson and Vogel * suggested that the relation 
e ween these variables might be represented by the equation, 

where U is the mobility at a solution concentration C, f/o, that 
at iMnite dilution and b and d are constants. 

e equivalent conductance of infinitely dilute solutions may 
be calculated from the constituent ionic mobilities. Thus, while 
1 IS comparatively easy to measure, or rather extrapolate, the 
quiya ent conductance at great dilution of potassium chloride, 
this IS not the case with ammonia. However; since, 

then at i8» 

rio(NH40H) = 64-7 + 175*4 = 240* I » 

electrol^^” ** determined. This method may be applied to all 


temperature.— The ionic mobilities 

u 1*5 to 2*7 per cent, per degree C. rise of tempera- 
• Phil. Mag.^ 4 , 240 (1927). 

















electrolytic conductance of solutions 

decreasing as the mobility in- 

^onrteAd to^ - between the mobilities of diffftrent 

shown tLt the temperature rises. Kohlrausch • has 

shown that the relation between the mobility. U, of an ion and 

its temperature coefficient. «. where a = -L, maybe represented 
by the equation, 

a == 0-0136 -j- - ° ^7 


Other formulfe proposed include. 


18-5 -f- U' 


a = 


0-0348 


and 


log U -f- 0-207* 


a = 0-0134 + 0-64 . ^ - 6-94 . 

No theoretical interpretation has been given to these formute. 
but in spite of their different forms they lead to results which 
^ree well with observations. The values of a, as determined by 
Kohlrausch for various ions, are given in Table VI. 


TABLE VI. 


Temperature Coefficients of Ionic Conouctaxces at 18^ C 


Ion. 

Value of a. 

Ion. 

N'aluo 0/ a. 

Ion. 

Value of a. I 

Li+ 

Na^- 

Ag+ 

K+ 

H + 

NH4+ 

0*0265 

0*0244 

0*0229 

0*0217 

00153 

0*0222 

Cs+ 

Rb+ 

ci- 

I- 

CNS- 

IO3- 

0*02 1 2 
0-0214 

0*02 I 6 
0*02 I 3 
0*0221 1 
0-0234 1 

OH- 

NO3- 

CH,COO- 

^Mg+ + 

001 80 
0-0295 
0-0238 
00251 
0-0256 
0-0238 


29- Law of mass action applied to electrolytes. The 

hypothesis of Arrhenius, that electrolytes dissolved in water are 
more or less dissociated into ions, is supported, as we have seen 
by conductance and freezing-point measurements. Molecules are 
dissociated and the resulting ions then recombine in different 
ways. But dissociation is a kinetic phenomenon. It is not that 
some molecules are always dissociated and others not, but that 
each molecule is broken up, from time to time, by some especially 
violent collision with its neighbours, and again, that detached ions 


Loc. cit. 

4 
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frequently recombine. In this manner a certain average state of 
dissociation is maintained with considerable uniformity, but any 
individual ion may combine, and then return to the ionic form, 
many times a second. The state of equilibrium that exists at any 
time is of the statistical character familiar in the theory of gases, 
i.e.y a certain average proportion of the molecules are dissociated, 
but no particular molecules are always in this state. If we 
assume a simple, but at the same time the most important, case 
of dissociation of a binary electrolyte, which may be represented 

by MX M+ + X-, 


there will be, neglecting the solvent effect, three sets of constituents, 
M’^ ions, X“ ions and undissociated molecules, MX. If C is the 
total concentration of the electrolyte, the concentration of each 
set of ions will be aC, and that of the undissociated molecules, 
(i a)C. Hence, applying the mass action law, equation (30), 

aC . aC 



where ^ is a function of the temperature only, and is termed the 
equilibrium constant for the electrolyte in question. 

This relationship, which is known as Ostwald's dilution law* 
only holds if the solution is so dilute that the laws of dilute solu- 
tions apply to it. As the concentration is raised, a value is reached 
at which these laws fail, and K becomes a function both of the 


concentration and of the temperature. Substituting 


have 




which gives a relationship between the concentration and the 

equivalent conductance of a binary electrolyte. The value of 

is determined by some extrapolation method, after which the 

constancy of K may be tested by substituting in equation (50) 

corresponding values of C and A. Table VIL shows some results 
calculated by Kendall.f 

For acetic acid K. is constant and independent of concentration ; 
but for cyanoacetic acid the value of K falls steadily with increasing 
dilution, and only approaches a limit in very weak solutions. 


• Zeits. phys. Chem., 2 , 270 (1888). 

J Chem, «Soc., 101 , 1283 (1912). 
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TABLE VII. 


Variation of the Equilibrium Constant with Conceni ration. 


Acetic Acid. 

Cyanoacctic .\cid. 

Litres 

l>cr 

G ram* 
Equiva* 
lent. 

Values of 

Litres 

per 

Gram* 

Eiiuiva* 

lent. 

Value's of 

Ag » 

100 a. 

100 A’. 


ICO a. 

100 A'. 

*3-57 

2714 

5428 

108-56 

217-1 

4342 

868-4 

1.7370 

3.4740 

6,9480 

00 

6086 

8-591 

1 2-09 
16-98 
23 ' 8 i 

3322 

4613 

63-60 

86-71 

1 16-8 

3877 

1- 570 

2 - 2 I 6 

3118 

4-380 

6-141 

8-568 

I I -90 
, 16-41 
22-36 
30-13 

0001845 

000185 • 

0-001849 

0-001849 

0-001851 

0-001849. 

0001 850 

0-001854 

0-001855 

0001870 

16-82 

3364 

67-28 
13456 
269- 1 
538-2 
1076-4 
21530 
4306-0 

30 

88-0 

1 17-0 

152-5 

193-9 

238-7 

282-6 

320-0 

347-1 

364-8 

386-0 

22-8o 

30-31 

3950 

50-23 

61-84 

73-20 

82-89 

89-90 

9452 

0-400 

0-392 

0383 

0-378 
0-372 
0-372 
0*373 
' 0-373 
0-378 


This acid belongs, therefore, to a class of transition acids which 
follow the dilution law only in very weak solutions. Ostwald * 
confirmed the law for 250 acids, and Bredig f for 50 bases. 
Wegscheider,^ working with various solutions, found that the equi- 
librium constant, AT, decreased in value as the solution strength 
increased, and he attributed this to the increase in the viscosity 
of the solution with concentration. In general, the variation in 
the values of K becomes appreciable for the majority of organic 
acids at concentrations within the range 16-32 litres per mole. 

For strong electrolytes the equilibrium “ constant,” or dis- 
sociation constant as it is sometimes called, is by no means con- 
stant, and Ostwald’s dilution law is not in accordance with the 
observed change of equivalent conductance with concentration . We 
find, for instance, that with high valence salts, such as K4Fe(CN)6 
and La2(S04)3, the value of K varies approximately a million-fold 
within the concentration range 10"® — i mole per litre. As an 
illustration of this variation, we may take the case of two typically 
strong electrolytes, potassium and sodium chlorides, for which the 
values of K at different concentrations are as follows § : — 


• Zeits. phys. Chem., 2 , 270 (1888) ; 3 , 170, 241, 369 (1889). 
f Ibid., 13 , 289 (1894). t Ibid., 69 , 603 (1909). 

§ The values of Ao are taken from the data of Ferguson and Vogel (loc. cit.) 
and those of A from Noyes and Falk’s data (loc. cit.). 
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KCl, Ao 
Concentration. 
O’OooiN 

©•ooiN 

o-oiN 

O’iN 

iN 


: 130'04 

Values of K. 

00124 

0-0450 

0-150 

0-534 

2332 


NaCl, Ao 

Concentration. 

ooooiN 

oooiN 

o-ofN 

o-iN 

iN 


109*02. 

Values of K. 

o-oio8 

0-0399 

0-133 

0-483 

i ‘54 


It is evident from these results that the values of K depend 
to a great extent upon the concentration at which they are measured. 
Weiland * has shown, however, that the equilibrium constant for 
potassium chloride approaches a constant value as its solution 
becomes sufficiently dilute, the limiting value at zero concentra- 
tion being 0*020 ■±, 0 001, but this value depends very much upon 
the value chosen for the equivalent conductance at infinite dilution, 
a small error in this value creating a large percentage error in the 
resulting value of K. 

Washburn f found that in sufficiently dilute solutions, i.e.y for 
most practical purposes below C = o-oooiN, all uni-univalent 
salts of strong acids and bases obey the mass action law, and all 
of them have the same degree of ionisation. Also, in the case of 
two salts, such as potassium chloride and bromide, which resemble 


each other very closely, the values of the ionisation fractions and 
equilibrium constants are identical below o*oo5N. These results 
have been criticised by Gross and Redlich,J who point out that the 

value of is equal to zero only when C = o, and that actual 


measurements have not yet been made over a range of dilutions 
which give a constant value for K. 

Kraus and Parker’s experiments § with iodic acid, and Parker’s 
experiments || with hydrochloric acid are often quoted as afford- 
ing evidence for the validity of the mass-action law at low con- 
centrations, For iodic acid at 25® C. the value of K is constant 
over a fairly wide range (C = 0*00005 to C = o-ooi normal), but 
the constancy of K for hydrochloric acid over a range depends 
upon the value of Aq adopted for this acid.^ 

To account for these discrepancies we must assume that the 
equivalent conductance Ay because of some variation in the ionic 
mobility, does not measure the ionic concentration. On the other 
hand, the substance in solution may not obey the ideal gas laws 
which are assumed to hold for dilute solutions. 


* Jour. Amer. Chem. Soc., 40 , 106 (19x8). 
t See paper under note •. 

X Zeits, phys. Chem.^ 104 , 315 (1923). 

%your. Amer. Chem. Soc.^ 44 , 2429 (1922). 

II Ibid., 45 , 20x7 (1923'). 

Q See Ferguson and Vogel, Phil. Mag., 4 , 4 (X927). 



ELECTROLYTIC CONDUCTANCE OF SOLUTIONS 53 


Arrhenius * concluded, from experiments on the inversion rate 
of sucrose by weak acids, that the equilibrium constants of these 
acids, and of weak electrolytes in general, were greatly enhanced 
by the mere presence of strong electrolytes. For instance, he 
found that even so dilute a solution as o*i25N of potassium chloride 
apparently increased the hydrogen ion concentration of a o-025N 
acetic acid solution by 12-6 per cent. ISIcBain and Coleman f 
have shown, however, that when more accurate data for the degrees 
of ionisation are used this is not the case. 

30 . Strong electrolytes. — The anomalous behaviour of 
strong electrolytes cannot be accounted for satisfactorily by the 
mass action law, and attempts to explain their behaviour have 
been made by considering them as practically completely ionised, 
the electric forces between the ions being responsible for the 
observed anomalies. The theory of complete ionisation postulates 
that the diminution in the equivalent conductance of electrolytic 
solutions, as the concentration increases, is due to a change in the 
mobility of a fixed number of ions instead of to a change in the 
number having a fixed mobility. On this hypothesis Debye and 
Huckel X showed that, as a result of the electrical attraction between 
oppositely charged ions, there is, in the immediate neighbourhood 
of any single ioi^ an excess of ions bearing opposite charge, and 
owing to the finite time which is necessary for the re-distribution 
of the ions to occur around an ion that is in motion through the 
solution, there will always be an excess number of ions of opposite 
sign in its rear. Thus, the ion will be subjected to a retardation 
when moving in an electric field. Further, as the ions of opposite 
sign are moving in opposite directions, and as both sets of ions 
are supposed to drag with them a certain amount of solvent, 
viscous resistance to the motion of the ion will be greater than if 
the solvent were simply at rest. Both of these effects act in such 
a way as to reduce the speed of the ions, and both will increase 
in magnitude as the concentration of the solution increases. The 
effects will depend both upon the valency of the ions and the 
specific inductive capacity of the solvent. 

Many investigators from different points of view have sug- 
gested that the ionisation of strong electrolytes was much greater 
than appeared to be the case from the usual calculations on the 
basis of conductivity data. Milner § attempted to calculate, quan- 
titatively, the effect of the ionic forces on the thermodynamic 

• Zeits. phys. Chem.y 31 , 197 ( 1899 ). 

XJottr, Chem. Soc., 105 , 1517 ( 1914 ) ; 116 , 1332 ( 19 * 9 )- 
i Phys. Zeits. y 24 , 305 ( 1923 )- 
§ Phil. Mag., 23 , 551 ( 19 * 2 ) ; 25 , 742 ( 1913 )- 
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functions of a salt solution, and although mathematical difficulties 
impeded a strict solution of the problem, the approximate results 
showed a surprisingly good agreement with the experimental 
data, and strongly favoured the theory of complete ionisation. 
The theory is subject to the limitation that the formulae deduced 
from it are only valid at high dilutions, approximately below o*iN, 
since a o-iN solution is too concentrated to be exempt from 
errors. It has, however, the merit of leading to a relation between 
conductivity and concentration which fits the data for strong elec- 
trolytes, such as sodium chloride, just as well as Ostwald’s law 
fits the data for weak electrolytes, such as acetic acid. 

Debye and Huckel provided a theoretical basis for the rela- 
tionship, 

Ao — Ac = kVC, 

where Ag is the equivalent conductance at a concentration C and 
^ is a constant, which Kohlrausch had deduced experimentally as 
a general expression for the effect of changes of concentration 
upon the equivalent conductance of an electrolyte. Although 
there are many electrolytes to which the theory of complete ionisa- 
tion does not apply, the experimental verifications with strong 
electrolytes are so numerous that the theory is widely accepted. 

A more complete account of this complete ionisation theory is 
given in Chapter X. 

31. Conductivity of non-aqueous solutions. — So far, we 
have considered the conductance in aqueous solutions, but the 
property of forming conducting solutions is one not restricted 
entirely to the solutions formed by dissolving electrolytes in 
water. The peculiar properties of water as a solvent have hitherto 
focussed practically all the attention to this substance, and solu- 
tions of electrolytes in non-aqueous solvents have been character- 
ised to some extent by a lack of co-ordination and of accuracy. 
In attempting to account for the properties of electrolytic aqueous 
solutions, those properties of the solutions which are character- 
isUc of aqueous solutions alone, must be distinguished from those 

^ of electrolytic solutions in general, a 

task which is by no means simple. Lately, however, very accurate 

measurements are being made with non-aqueous solvents which 

must inevitably lead to a better understanding of the conduction 
process. 

32. Conductivity of salts in alcohols.— The alcohols, 

irom a constitutional point of view, are very closely related to water, 
more so in fact than any other solvent, and they may be considered 
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as water in which one of the hydrogen atoms has been substituted 
by a hydrocarbon group. In general, the ionising power of the 
alcohols decreases as the complexity of the carbon group increases, 
and therefore we should expect methyl alcohol to be the one most 
closely resembling water. Frazer and Hartley * have made very 
accurate measurements of the electrical conductivity at concen- 
trations ranging from o-oooiN to o-ooaN of fifteen uni-univalent 
salts in methyl alcohol. Some of their results are given in Table 
VIII. 

TABLE VIII. 

Equivalent Conductance of Salts in Meth\x Alcohol at 25® C. 


Salt. 

ConcMtra- 
tion io 
Gm. Eq. per 
Litre x loL 

Ac - 

Aq. 

Salt* 

Concentra** 
tion in 
Moles per 
Litre X lo*. 

Ae« 

Aft* 

LiCl 

' 2*7370 

6*5055 
; 17*9420 

87-24 

8516 

81*42 

90-90 

KNO3 

1*8169 

4*8517 

9*6292 

109*97 

107*06 

103*94 

114*55 

NaCl 

2*7933 

7-2393 

18*7080 1 

93**9 

90*76 

87-04 

96-95 

RbNOa 


111*57 

108*61 

105*06 

1181S 

KCI 

3*1766 

8*0981 

20*307 

100*41 

97*62 

93*33 

105*05 

CsNOs 

0*6104 

2*9550 

5*9400 

120*26 , 
1 16*36 
113-70 

122-95 

RbCl 

3*8715 

7*9862 

17-0090 

103*1 1 
100*60 1 
97*10 

108*65 

AgNO^ 

3*4820 

9*6510 

16*1670 

* 04*53 

99*01 

94-85 

112*95 

CsCl 

4*6383 

9*0880 
15*0370 i 

107*32 

104*82 

102*26 

1 13*60 

KBr 

5*0406 

10*6330 

18*3780 

103*48 

100*83 

98*25 

109*35 

LiNOa 

4*7910 1 

9-7383 

14*8170 

94-65 

92*32 

90*57 

100-25 

KI 

, 2*5020 
! 8*0458 
13*8724 

110*73 

107-45 

105*16 

114*85 

NaNOa 

5-9790 

12*0660 

17-3940 

99*44 

96*41 

94-45 

106*45 

NaBr 

HCl 

NH4C! 

NaOCH, 

NaClO, 



loi *5 

193*5 

111 ‘OO 

98*40 

1 15*10 

KF 



94*0 


If the values of the equivalent conductance, Ag, are plotted against 
the square root of the equivalent concentration, and the graphs 
compared with those for aqueous solutions, it is found that the 
slopes of the lines are about four times as steep for methyl alcohol 


^ Proc. Roy. Soe., A, 109 , 351 (1925). 
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as for water ; and whereas with water they are approximately 
parallel for the salts examined, with methyl alcohol there are more 
definite differences in slope. Frazer and Hartley found that with 
the chlorides and nitrates of the alkali metals there was an increase 
in the slope in passing from lithium to caesium, and, as a group, 
the nitrates have a steeper slope than the chlorides. The slope 
of the lines in methyl alcohol evidently depends upon both the 
ions present, and the contrast between the behaviour in water, 
and in this solvent, shows that the individual differences between 
various electrolytes are much more marked in non-aqueous sol- 
vents than in water, in which the properties of electrolytes seem 
to depend more exclusively upon the valence types of the con- 
stituent ions. 

These experimenters also confirmed Kohlrausch’s law of the 
independent mobility of the ions at infinite dilution in methyl 
alcohol. Thus, they found that for the alkali metals, the differences 
in the equivalent conductances at infinite dilution of the nitrates 
and chlorides at 25° C. were as follows : — 

Li. Na. K. Rb. Cs. 

Ao (nitrate) — (chloride) 9*35 9'50 9‘50 9’50 9'35 

and therefore it is possible to determine the individual values of 
the mobilities once the values of Aq and of the transport numbers 
of any one of the salts concerned have been obtained. The values 
of the mobilities of different ions in infinitely dilute solutions of 
methyl alcohol are shown in Table IX., and for the sake of com- 


TABLE IX. 

Ionic Mobilities in Methyl Alcohol and in Water at 25® C. 


Ion. 

Value of t’J 
in Mclhyt 
Alcohol. 

M) 

Value of Uo 
in Water. 
(B). 

, Ratio 

Ion. 

Value of Vo 
in Methyl 
Alcohol. 

W)- 

iValue of Vo 

1 in Water. 
(B). 

Ratio 4 * 

Li 

Na+ 

K+ 

Rb+ 

Cs+ 

Ab+ 

NH,+ 

H+ 

396 

45-7 

53-8 

623 

52*2 

59-8 

142*2 

1 

39*6 

509 

744 

77*6 

78*1 

63*0 

73‘9 

349 

1*00 

0*90 

0*72 

0*74 

0-80 

0*83 

0*81 

0*41 

F- 

ci- 

Br- 

I- 

NO3- 

CIO4- 

OMe 

40*2 

51*3 

55'5 

6i*o 

6o*8 

69*4 

52*7 

# 

54*4 

754 

77 S 
76*0 

70*8 

76 ? 

196 ( 0 H) 

0*74 
: 0*68 
j 0*71 
o*8i 

0*85 

0*90 


parison the mobilities in water are also given. The ratio of the 
mobilities in the two solvents varies from ion to ion, and there is 
no simple relation between them. The relative speeds of the 
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ions in methyl alcohol are smaller than would be expected from 
its low viscosity coefficient, but this may be due to the formation 
of larger complexes in the alcohol than in water. 

It is interesting to note that in methyl alcohol, as in water, 
the mobilities of the alkali metal ions increase with rising atomic 
number and atomic volume. In the case of the halogens the 
mobilities in methyl alcohol increase regularly with atomic number, 
but in water the chloride, bromide and iodide ions have prac- 



Atomic Number 


Fig. 7. — Mobility of ions in methyl alcohol and in water. (Frazet and Hartley.) 

tically the same mobility. These facts are illustrated in Fig. 7, 
which is taken from Frazer and Hartley’s paper. 

Kraus and Bishop * measured the molecular conductance, yl, of 
anhydrous calcium nitrate, and of magnesium nitrate hexahydrate, 
in anhydrous propyl alcohol at 18® C. Their results are given 
in Table X., where C is the concentration expressed in millimoles 
per litre. 

TABLE X. 


Equivalent Conductance of Anhydrous Propyl Alcohol Solutions. 
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33. Conductivity of liquid ammonia solutions at — 33° C . 

— Liquid ammonia possesses strong ionising power, and the con- 
ductivity of many substances in this solvent has been measured 
by Franklin and Kraus.* Acid amides conduct, but while some 
are poor conductors, others approach the uni-univalent aqueous 
salt solutions in their conductivity. Many nitro compounds give 
solutions which are excellent conductors. Potassium cyanide 
behaves normally in ammonia solutions, but the cyanides of the 
heavy rnetals exhibit unique behaviour. In the first place, the 
conductivity is low, but more striking is the fact that the molecular 
conductivity, instead of increasing rapidly with dilution, at first 
decreases, passes through a minimum, and then increases slowly, 
the total change in the conductivity for a considerable range in 
the dilution being surprisingly small. It may be that the salts 
imdergo self-ionisation, and in the more concentrated solutions 
this effect would be greatest. As the solution is diluted the dis- 
sociation due to the salt itself would decrease, while that due to 
the solvent would increase. Finally, the dependence of the con- 
ductivity upon the two factors would exchange places, as it were, 
the decrease due to the weakening of the self-ionisation becoming 
less than the increase effected by the action of the solvent. It is 
by no means certain, however, that this is the correct explanation. 

• results obtained by Franklin and Kraus are given 

in Table XL, v denoting the dilution in litres per gram-equivalent, 

i.e.f V where C is the concentration expressed in gram- 
equivalents per litre. 

The iodides of ammonia and of sodium have high equivalent 
conductance values for the more concentrated solutions, but on 
^,5 hand, potassium nitrate, ammonium chloride, and especi- 
a y si ver iodide, are distinguished by having low values for 
the more concentrated solutions. 

Franklin and Kraus found that the alkali salts were less ionised 
in ammonia than in aqueous solutions of the same strength, 

but on calculating the degree of ionisation, a, from ^ measure- 
ments, the values thus obtained were in accordance with Ostwald’s ' 
dilution law. Pot^sium nitrate in a solution of dilution 3 litres 
e IS ess than 0*25 ionised, while in water, at the same 

®'75 of the molecules of the salt are in the ionic 
ondition. At a dilution of looo litres per mole, the salt in a 


Amer. Chem.Jour., 23 , 277 (1900). 
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TABLE XI. 


Equivalent Conductance of Salts in Liquid Ammonia at — 33" C. 


Salt. 

Dilution V . 

A. 

Salt. 

Dilution i \ 

A. 

AgCN 

4-48 

15-58 

Hg(CN), 

3’37 

1*86 


17-85 

14*28 


5-71 

1 79 


69*69 

12*83 


21-8 

1 -63 


272*8 

12*12 


3 30 

1 '64 


1,0630 

12*00 


55-6 

1-75 

LiNOs 

25-88 

1 i8‘o 

NH,Br 

21*47 

1 16-0 


109*8 

155-5 


87*40 

152-5 


432-8 

199*2 


• 709*0 

224-9 


1,703-0 

236*5 


1,407*0 

251-0 


6,965*0 

265*7 


3,8460 

276*1 

NaNO, 

257-3 

188*2 

AgNOa 

68*95 

148-7 

1 

1,3520 

246-0 


186-6 

i8i*7 


2,8570 

265-5 


734-5 

226-4 

1 

5,150-0 

278*7 


1 2,892-0 

259-5 


10,120*0 

291-5 


5.740-0 

271-0 

NaCI 

663 

121*8 

Ba(N 03 h 

358-0 

147-2 


258-5 

170*2 

• 

1,407-0 

200*6 


i,oo8*o 

223*0 


7,542-0 

2800 


3,9300 

268*8 


29,647-0 

366*9 


30,330-0 

307-0 


58,7500 

422*5 


solution of ammonia is still less than 0-75 dissociated, but in water, 
at the same concentration, ionisation is practically complete. 

Water has a marked superiority over liquid ammonia as an 
ionising agent, and in the latter solvent the anions exert a greater 
influence upon the ionisation than the kations, for the iodides are 
conspicuously the most highly ionised of the salts. A curious 
fact is .that in water the potassium salts are more highly ionised 
than those of sodium and of ammonium, but in liquid ammonia 
the potassium salts are least dissociated, f.e., potassium nitrate 
and potassium bromide are ionised to a less extent, respectively, 
than the corresponding sodium and ammonium salts. 

Franklin and Kraus found that the variation of the equilibrium 
constant, K, in dilute liquid ammonia solutions is much less 
marked than in the case of aqueous solutions and, apparently, 
dilute solutions in ammonia follow the mass action law more 
nearly than solutions of the same salts in water. Kraus and 
Bray * concluded that the concentration at which deviations from 
the dilution formula become appreciable is lower the greater the 
ionisation of the electrolyte. The values which these experimenters 


Jour. Amer. Chem. Soc.^ 35 , 1315 (1913). 
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obtained for K and Aq with different electrolytes in liquid am- 
monia at — 33° C. are shown in Table XIL : — 

TABLE XII. 


Values of K and of a® for Electrolytfj? in Liquid Ammonia at — 33" C. 


Salt. 

K X TO*. 

A^. 

Salt. 

K X 10*. 

1 

A(|. 

NaNH, 

056 

263 

NaNO, 

230 

1 

301 

ICNH 2 

1 *20 

301 

NH.Br 

230 

303 

Agl 

2*90 

287 

LiNO, 

26*0 

283 

NH|CI 

12*0 

3*0 

NaBr 

27*0 

302 

NaCl 

14^5 

309 

Nal 

28*0 

301 

KNO, 

KBr 

NaBrO, 

^ 5-5 

339 

AgNO, 

28'0 

287 

21*0 

23-0 

340 

278 

NH 4 NO 3 

KI 

28-0 

42*0 

302 

339 


. Kraus and Bray * also determined the ionic mobilities at 
infinite dilution of various ions in liquid ammonia at — 33^* C. 
Their results are given in Table XIIL and, for the sake of com- 
p^ison, the corresponding values in aqueous solutions are 
tabulated. It will be observed that in all cases the mobility in 
the ammonia solution is much greater than in water. 


Kation. 


TABLE XIII. 

Ionic Mobilities in Liquid Ammonia at — 33® C 


Ionic Mobility. 


In In Water 
Ammonia. at C. 


Ratio. 


Anion. 


Ionic Mobility. 


In In Water 
Ammonia, at i8^C. 


Ratio. 


Li+ 

Ag+ 

Na+ 

NH4+ 

TI+ 

K+ 


1 12 
1 16 
130 

152 

x68 


33*3 

540 

43*4 

647 

65-9 

64-5 


336 

215 

3'Oo 

2-03 

231 

2’6i 


NH, 

BrO,- 

NO, 

l- 

CI- 

Br- 


133 

148 

171 

171 

179 

172 


47*6 

6i'8 

66-6 

65-5 

677 


3*11 

2-77 

257 

2*73 

2S4 


T .1^' .Conductivity of liquid sulphur dioxide solutions.— 

n e iquid form pure sulphur dioxide has a conductivity about 

of \^ter. The halogen salts mostly dissolve in it, 
n a en and Centnerszwer j- found that a remarkable regu- 
lanty exists m the behaviour of the various salts which they in- 
yestigated although the regularity was by no means identical with 
that exhibited by the corresponding aqueous solutions. The 

• Loc. at. Chem., 39 , 513 (1902). 
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salts investigated were the chlorides, bromides, iodides and thio- 
cyanates of potassium, sodium, rubidium, ammonium, mono-, di-, 
tri-, and tetramethyl ammonia, as well as ethyl and benzyl bases. 
For a dilution of i gram-equivalent in 1024 litres of aqueous solu- 
tion their values of the equivalent conductance at o® C. range 
between 50 and 80, but in sulphur dioxide they vary from 12 to 
163, This difference does not appear to be due to varying 
degrees of ionisation. Franklin • also measured the equivalent 
conductance of solutions formed by dissolving potassium iodide, 
potassium bromide and tetramethylammonium iodide, respec- 
tively, in liquid sulphur dioxide. Some of his results at different 
temperatures are given in Table XIV., v being the dilution in litres 
per gram-equivalent. 


TABLE XIV. 


Equivalent Conductance of Salts in Liquid Sulphur Dioxide. 


Dilution r. 

Equivalent Conductance at 

- 33 - 5 “ C. 

- 20** C. 

— lo** C. 

o®C. 

10** C. 



Potassium 1 

odide. 



I-O 

37*7 

44*1 

46*9 

51*2 

54*5 

40 

40 s 

43*4 

44-8 

45*5 

460 

8‘0 

41*0 

42*0 

42 s 

42*0 

41*4 

3^*0 

47*2 

483 

47*8 

464 

44*5 

128*0 

65-9 

66*9 

66*5 

64*5 

62-0 

256-0 

78*8 

8i*8 

8i*7 

79*4 

76*5 

Sia-o 

93*4 

98-2 

99*2 

98-0 

95*3 

1 »ooo*o 

io8-6 

1 15*2 

ii8*8 

1 19*4 

117*7 

8,000-0 

1530 

168-5 

i8i-8 

189-0 

196*0 

X 6,000-0 

1630 

184*0 

1990 

21 1*0 

2230 



Potassium Bromide. 



0*5 

26*4 ' 

32*8 

37*4 



2-0 

323 

34*3 

35*4 

36*1 

35*4 

24-0 

34*7 

340 

32*3 

30*7 

28*1 

96*0 

48*3 

470 

44*7 

42-3 

390 

3840 

72-4 

72-0 

69-9 

66*8 

6i*7 

1,000-0 

94*7 

97.7 

96*0 

92*5 

86*7 

4,000-0 

1320 

138*0 

142*3 

142-5 

139*3 


Tetramethylammonium Iodide. 



0*375 

25-0 

31*5 

37*8 

' 41-6 

46*5 

o-s 

40-3 

45*7 

52*5 

56*7 

63*3 

40 

75*0 

82-8 

89*5 

93*5 

97*5 

320 

82-0 

87*5 

94*2 

967 

99*5 

256-0 

109-5 

119*3 

126-7 

1320 

136*5 

1,026*0 

128*6 

1440 

158*0 

166*2 

176*0 


* your. Phys. Chem., 16 , 675 (1911). 
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increasing dilution. Kahlenberg and RuhoflF* found this to be 
characteristic of silver nitrate solutions in amylamine. Walden f 
has observed similar behaviour on the part of tetraethylammonium 
iodide solutions in acetaldehyde and acetic acid, and Shinn J with 
lithium chloride solutions in ethylamine. Sachanov and Prsche- 
borowsky § investigated the conductance of various electrolytes in 
different solvents of small specific inductive capacity. Many of 
these electrolytes showed maxima values in very concentrated solu- 
tions, but in no case was a minimum value observed. The decrease 
in molecular conductance with increasing concentration, as shown 
by extremely concentrated solutions of silver nitrate in aniline, 
has been ascribed by Kraus |1 to the influence of increasing solution 
viscosity. 

Kraus and Bray ^ determined the conductance of various elec- 
trolytes in acetone and in pyridine, both at i8® C. Their results 
are tabulated in Table XVI. : — 


TABLE XVI. 


Equivalent Conductance of Salts in Acetone and in Pyridine. 


Acetone* 

Pyridine. 

Salt. 


Salt* 


Salt 

Aq* 

KI 

156 

KBr 

156 

Nal 

570 

Nal 


NaBr 

156 

KI 

59‘5 

Lil 

154 

LiBr 

*54 

KSCN 

62 s 

NH4I 

*59 


*59 

NaSCN 

600 

KSCN 

169 

LiNOa 




LiSCN 

167 

ArNO, 

100 


_ 

NH.SCN 

172 

LiCl 

XS 4 


— 


The results show that, as in the case of ammonia, the conduc- 
tance values at infinite dilution for the potassium salts in pyridine 
are considerably higher than those of the sodium salts. The con- 
ductance of the SCN~ ion is greater than that of the 1“ ion, a 
result similar to that obtained in the case of acetone solutions. 

Solutions in aniline are relatively poor conductors, but the 
conducting solution behaves generally like typical non-aqueous 
solutions. Pound ** found that the molecular conductance in- 


•^our. Phys. Chem., 7 , 254 (1903). 
fZeits. phys. Chem., 64 , 131 (1906). 

537 (1907). 

§ Zetts. Elektroc., 20 , 39 (1914). 

Iljour Amer. Chem. Soc., 36 , 60 (1914). 
q Ibtd., 35 , 13x5 (1913). 

••your. Phys. Chem., 31 , 547 (1927^ 
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creases rapidly with more concentrated solutions, while at very 
low concentrations some of the solutions behaved like aqueous 
^lutions, the conductance rising to a limit at zero concentration. 
The stronger acids with aniline give solutions of which the con- 
ductivities tend to increase with time. Assuming that the initial 
conductivity is due to the formation of aniline salts, the subsequent 
formation of analine, and liberation of water, will explain this 
increase of conductivity. 

Philip and Oakley * investigated the conductivity of potassium 

iodide in nitromethane at 25® C. They obtained the following 
results : — 


Dilution in litres per mole . 82 90 200 9 408-0 1673 4915 10082 

Values of the conductance, yl 85-14 98 06 105*5 115 82 119*27 120-47 

Martin f measured the conductance, at 25° C., of solutions of 
lithium iodide, sodium iodide, potassium iodide, lithium bromide, 
and silver nitrate in benzonitrile over a range of dilution from 
500 to 50,000 litres per mole. His results are given in Table 
XVII., the dilution being expressed, as usual, in litres per gram- 
equivalent. 


TABLE XVII. 


Equivalent Conductance of Salts in Benzonitrile. 



37. Mass action law for non-aqueous solutions. We 

have seen that in the case of non-aqueous solutions, a large amount 
of experimental evidence has been collected which indicates that 
electrolytes in these solvents obey a law very different from that 
applicable to aqueous solutions. Thus, as we have noted, in 


* jfour. Chem. Soc.^ 125 , 


1189 (1924). 



t Ibid.t 132 , 327Q (1928). 
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certain solvents the molecular conductance increases with rising 

concentration. Kraus and Bray,* however, have shown that 

uni-univalent salts in liquid ammonia, and also in certain alcohol 

solvents, do conform to the law of mass action provided that 

the solutions are dilute. Keyes and Winninghoffjf working 

with the iodides of sodium and ammonium in isoamyl alcohol, 

and also with sodium iodide in propyl alcohol, obtained similar 

results, even when the concentration of the solutions reached 
0-0004 normal. 

The highly ionised solutions of sodium, phenyl ammonium, 
potassium and ammonium formates in anhydrous formic acid 
also obey the mass action law up to concentrations of 0-3 — 0*6 
normal. Schlesinger and Martin J determined the equilibrium 
constants of these salts to be o-8i6, 0-814, 1*02 and 1*23, respec- 
tively. At concentrations greater than those mentioned, the for- 
mates deviate from the law in the sense that the degree of 
ionisation is less than it should be. This is the type of variation 
which would be expected from the kinetic theory, if the cause 
of the deviation lies in the reduction of the free space by the 
volume occupied by the solute itself. 

Schlesinger and Coleman § also found that solutions of lithium, 
mbidium and caesium formates in anhydrous formic acid followed 
Ostwald’s dilution law over a fairly large range of concentrations, 
f urthermore, all the conductivity data agree with the demands 
ot the law^f the degree of ionisation is calculated from the equa- 
tion a = -r-. 

■^0 

Kraus and Bray || examined the applicability of Ostwald’s 
dilution law to dilute solutions of strong electrolytes in non- 
aqueous solvents, including the higher alcohols, and found that 

devii Cs but at higher concentrations 

is ion-concentration 

In tLt^ame tolvem electrolytes 

Solmion^fel“.H“h‘*J°^i^?*^®*f ammonia.— 

are good condnrt ^ ‘®®°*vmg the alkali metals in liquid ammonia 

crnductancrof th ” Kraus has measured the 

these solutions, and it seems that the conduction 

A . jm 


II Loc . ctt . 


t Ibid ., 38, 1178 (1916). 
^ Ibid ., 38, 271 (1916). 
q Ibid ., 43, 749 (1921). 
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process is an ionic one, the metallic ion being positively charged 
and moving towards the kathode. There appears to be a negative 
carrier which is instrumental in conveying a part of the current 
through the solution, but when discharged at the anode, does 
not give any indication of a product at this electrode. In dilute 
solutions the equivalent conductance approaches a limiting value 
in a manner similar to that of ordinary electrolytes. At a con- 
centration of, approximately, 0*05 normal the equivalent con- 
ductance has a minimum value, after which it begins to increase 
rapidly with rising concentration. This increase is particularly 
prominent in the neighbourhood of normal concentration and 
would seem to correspond to an increase in the relative speed of 
the negative carrier. A 2-normal solution of sodium in liquid 
ammonia has an equivalent conductance of 83,000, approximately. 
The negative carrier is identical for all metals and exhibits ab- 
normal conducting power in the case of the more concentrated 
solutions. The equivalent conductances of the various solutions, 
as measured by Kraus at — 33® C., are given in Table XVIII., 
V being the dilution in litres per gram atom of metal. 

TABLE XVIII. 


CONDUCTANCB OF SOLUTIONS OF THE AlKALI MeTALS IN LIQUID AmmONIA. 


Sodium. 

V 

A 

1*438 

, 1.4290 

i6‘o8 

477*5 

37*04 

491*7 

80*65 

565*2 

389*1 

800 *4 

1 

1 . 945*0 

938*7 

9 , 750*0 

957*2 

Potassium. 

V 

A 

1 

1*695 

1,4140 

7*560 

596*1 

15*87 

532*1 1 

70*94 

594*6 

324*4 

787*2 

1 

1 , 434*0 

894*3 

2,990*0 

884*1 

Lithium. 

V 

A 

0*422^ 

25»6oo'0 

1 1*990 

879*4 

8*817 

501*2 

1 

18*13 

454*6 

40*17 

502*2 

85*94 

569*9 

i8i*6 

654*4 


39 . Conductivity of salts in mixed solvents. — The 
addition of a weak acid to an aqueous solution of a strong acid 
produces a small decrease in the specific conductivity.* In the 


See Kendall and Andrews, your. Amer. Chem. Soc., 43 , 1545 (1921). 
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cases of hydrochloric and nitric acids the effect is confined to 
solutions stronger than 0-005 normal. It is caused by the mobili- 
ties of the ions of the resultant salt being less than the mobilities 
of the ions of the strong acid which have disappeared during the 
formation of the salt. 

The conductivity of hydrochloric acid solutions is unaffected 
by the presence of hydrogen sulphide, and in the same way 
saturation of hydrochloric acid or nitric acid solutions with other 
gases of a weakly acidic nature, such as carbon dioxide or acetylene 
involves no measurable change in their specific conductances. 
Kendall and Andrews noted that with solutions of salicylic acid 
in hydrochloric acid there was an increase in the specific con- 
ductivity of the latter. At low concentrations the effect is 
practically absent. Magnanini * observed that the addition of 
polyhydric alcohols, in small amounts, increased the specific 
conductivity of boric acid solutions owing to the formation of 
complex molecules which were readily ionised. Jones and 
Lindsay ,f and Jones and Carroll J studied solutions of several 
salts in mixtures of methyl alcohol and water, measurements 
being made at 0° C. and at 25° C. and at various concentrations. 
They concluded that the minimum molecular conductance which 
occurs is caused primarily by the great increase in viscosity 
which results when the two components of the mixture are brought 
together. In some cases no such minimum occurred. 

Pound § investigated the specific conductivity of ether and 
95'0 per cent., by weight, of sulphuric acid at 30® C. As the 
percentage weight of ether in the solution decreased the value 
of Ky the equilibrium constant, increased. 

Kieran H measured the equivalent conductance of hydrochloric- 
acid solutions through a wide range of dilution in the presence 
of varying quantities of sucrose, the concentration of the latter 
being maintained constant in each series of measurements in 
order that the viscosity of the solutions might also remain constant 
whilst the dilution of the acid varied. It was found that while 
the behaviour of potassium chloride in the presence of sucrose 
w^ normal, in that the equivalent conductance increased regularly 
with increased dilution, the behaviour of hydrochloric acid was 
abnormal, the value of the equivalent conductance passing through 
a maximum in the region 300-500 litres per mole, and steadily 
falling thereafter with increasing dilution. A detailed examina- 


• Gazz. chem. Ital.y 20 , 441 (i8oo) ; 23 , 107 (180-?). 

+ Amer. Chem. Jour.y 28029 ( 1902 ). ’ 

X md., 32 , 521 (1904). %your. Chem. Soe., 121 , 941 (1922). 

\\ Trans. Farad. Soc.y IS, jtg{ig2z). > \ ^ j 
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tion of the results showed that the abnormal behaviour was due 
to minute traces of electrolytic impurity in the sucrose. 

Goldschmidt • has found that when small amounts of water 
are added to solutions of strong acids in alcohols, the equivalent 
conductance of the solution is greatly reduced. This reduction 
appears to be due to the formation of a complex hydrogen ion 
whose speed is relatively slow. It is interesting to note that, on 
the addition of water to weak acid mixtures, the equivalent con- 
ductance is increased, and this increase is, in general, greater the 
weaker the acid. Lithium chloride in ethyl alcohol also shows a 
slight increase in conductance on the addition of water. This in- 
fluence of water upon the conductance of electrolytes in different 
solutions is readily accounted for on the assumption that complex 
molecules are formed, the ionisation of which is greater than that 
of the non-hydrated electrolyte. 

40. Conductivity of soap solutions. — McBain, Laing and 
Titley f measured the conductivity of nearly all the soap solutions 
which can be studied at o® C., such as solutions of the potassium 
salts of the saturated fatty acids and of the sodium salts. The 
soap solutions exhibited considerable conductance, even in concen- 
trated solutions. These experimenters consider that the ions 
may be aggregated to form the nucleus of a colloidal particle, the 
so-called ionic micelle^ whilst retaining their equivalent electrical 
charges. Thus, the ionic micelle exhibits conductivity, in 
addition to mobility, to an extent even greater than that of the 
ion contained within it. Some of the results are shown in Table 
XIX., where is the strength of the soap solution (weight 
normality), a, A and a having their usual significance. 


TABLE XIX. 

Conductance of Soap Solutions at 18® C. 


Potassium Laurate* 

Sodium Oleate. 


0 X 10». 

A. 

a* 


0 X xo*. 

A. 

a. 

2*000 

1*500 

0*750 

0*400 

0*100 

0*050 

0*010 

59,470 

51,310 

30,320 

16,220 

4 , 3 “ 

2,713 

753*9 

43**4 

45*80 

47*21 

44*22 

4403 

54*89 

75*44 

0-505 

0-536 

0*553 

0-518 

0-516 

0-643 

0-883 

0*600 

0*100 

0*050 

0*0X0 

11,040 

1,922 

996-6 

295-6 

21-67 

20-46 

20-59 

30-09 

0-337 

0-3x8 

0-320 

0-468 


• Zeits. phys. Chem., 89 , 129 (1914). 

■\ your. Chem. Soe.^ 116 , 1279 (1919). 











70 


ELECTROLYTIC CONDUCTION 


41. Conductivity of fused electrolytes. — The internal 
ionisation of a solid salt is always complete, but the ions are not 
free to move past one another because of the great magnitude 
of the cohesive forces, which prevent the displacement of an 
ion from its equilibrium position within the crystal lattice. At 
the melting-point all ions are free to move, and we may imagine 
that fused salts are completely split up into free moving ions.* 
Arndt f drew the same conclusion on the basis of investigations 
relating the viscosity with the molecular conductance of the 
fused salt. There is evidence to show that the degree of ionisa- 
tion of fused salts varies but slightly with temperature, the change 
in electrical conductivity being almost entirely due to changes 
in viscosity. This is to be expected, as all the ions present 
contribute to the conduction of the electricity. Solidification of 
a fused salt is accompanied by a very large fall in conductance, 
this fall being attributed to a great decrease in the ionic mobilities, 
and not to any change in the degree of ionisation. The specific 
conductivities of the solid salts, sodium and potassium chlorides, 
at different temperatures, are given in Table XX.J 


TABLE XX. 


Conductance of Salts in the Solid State. 


NaCl. Melting-point « 1083^ (A). 


Absolute Temperature. 

Specific Cooductaoce 
ohm“» X loK 

903“ 

12*6 

923® 

21'2 

nK 

35*0 

983 

950 

1,023“ 

240*0 

1,073“ 

729*0 


KCL Melting-point « 2063^ (A). 


Absolute Temperature. 

Specific Conductance. 
ohm“t X io». 

923“ 

6*5 

933*^ 

8*4 

983 * 

28*8 

i»oi3“ 

59*6 

1,043® 

1330 




42. Conductivity and concentration. — It has been pointed 
out, previously, that strong electrolytes do not follow Ostwald’s 
dilution law, and various formulse have been suggested to re- 
present the relation between the equivalent conductance of such 
a solution and its concentration. KohIrausch,§ from his experi- 
ments on the conductance of the sulphates of magnesium, zinc, 
cadmium and copper, of calcium chromate and magnesium 


• See Nernst, Festschrift^ p. 226 (1912). 

+ Zeits. Elektroc., 13 , 510, 809 (1907). 

t See Benrath and Wainoff, Zeits. phys. Chem., 77 , 257 (1911). 
§ Sttz. Akad. Wtss. Berlin, 1215 (1904). 
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oxalate, showed that the results obtained could be represented, 
below concentrations of 0*002 normal, by the equation, 

Ao = A kC*, . . . (51) 

where /e is a constant and C the concentration of the solute in 
the solution. This equation, however, did not represent the 
conductance curves in many cases, e,g., the chlorides of barium, 
magnesium, and calcium, the nitrates of barium, strontium, 
calcium and lead, and the sulphates of potassium and lithium. 
For these electrolytes the equivalent conductance, within the 
concentration range 0*0005 normal, could be represented 

by the equation, 

Ao = A kAPC^, . . . (52) 

where p varies according to the electrolyte. 

Rudolphi • suggested that the equilibrium constant, K, could 
be expressed by the equation. 


He determined the value of K for a large number of salts and 
acids, and showed that it was dependent upon the nature of the 
electrolyte and of the solvent, but independent of the concen- 
tration and temperature. Van’t Hoff f suggested that 



A^C^ 

- AY 


c ® 

which leads to the result, 7— = constant, where and C, are 

the concentrations of the ions and non-dissociated molecules, 
respectively. 

Storch J suggested that the relationship between concentra- 
tion and degree of ionisation could be expressed in the form. 



where n varies according to the electrolyte, 
which may be written in the form. 



This equation, 


• (S 4 ) 


* Zeits. phys. Chem., 17 , 385 (1895). 
t Ibid.t 18 , 300 (1895). X Ibid., 19 , 13 (2896). 
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has been found to express, with a considerable degree of accuracy, 
the relation between the degree of ionisation and the concentra- 
tion of strong electrolytes over a considerable concentration 
range. The values of n which give the best results for all types 
of salts vary within the rather narrow limits, 1*4 — 1*6. For 
any given salt the value depends slightly upon the concentration, 
in general increasing as the dilution is raised. 

The correctness of the equation adopted is of the greatest 
importance because its chief use is to determine, by extrapolation, 
the value of the equivalent conductance at infinite dilution. 
This function must be known before the degree of electrolytic 
ionisation can be calculated from conductance measurements. 

Now since a = equation (53) may be written thus. 


or 


- ^) = K\A^ - A), 



and it is evident that K* will be constant for that value of n which, 
when substituted in the equation, gives a linear relationship 

between and Noyes and Falk * chose the value of 


n so that the graph obtained by plotting — against was 

nearly a straight line, and two other graphs, corresponding to 
neighbouring values of n on opposite sides of the first line, were 
also drawn so as to aid the determination of the most probable 

point— at which the graphs cut the i axis. They ob- 
tained accurate values of Aq and of the percentage ionisation for 
a large number of salts. 

. and Bray -j- have shown that, if the percentage ionisa- 

tion of a salt solution is plotted against its ion concentration, 
the resulting curves for salts of the same valence type do not 
intersect It is also found that the salts of a single valence type 
divide themselves into several distinct groups. Thus, of the 
univa ent type salts in o* i normal solutions, the chlorides, bromides 

alkali metals are all ionised to the same extent. 
The nitrates, bromates and chlorates of the same metals are 
ionised to a less extent. 

An example of this graphical method is shown in Fig. 8, the 

•your. Amer. Chem. Soc., 34 , 454 (19,*). 4 31 ^ 
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data of Bray and Hunt* for sodium chloride at 25° C. having 
been used in the calculation. Interpolation curves are drawn by 
plottuig values for n = 2 00. i-6o, 1-50, 1*45 and 1*35. All of 
the curves pass through the same point, where CA = i, and when 


extrapolated they must meet on the ~ axis. The problem is to 

determine where the curve, which appears to be the most linear, 
cuts the axis ; then from this point the value of Aq can be deter- 



Fio. 8. — Graphical method of determining the value of Ao (NaCl). 


mined. In the figure the curve so chosen is that one corre- 
sponding to n = 1*45. 

Bates f also used a graphical method to determine the value 
of Aff. Differentiating equation (54) we have 


or 


nCi^-^dCi = KdCs, 

dC, _ dC, 

Ci~~ C,' 

i,e,y n d log Ct = d log C,. 


your. Amer. Chem. Soc.^ 33 , 781 (191 1). 


t Ihid , 35 , 519 (1913). 
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Hence, by plotting values of log C,, as abscissae, against values 
of log Ciy as ordinates, the slope of the tangent to the curve at 
any point is the value of n for the corresponding concentration. 
Using this method Bates found that in all cases, with decreasing 
concentration, n becomes more nearly equal to the value required 
by the law of mass action. 

Washburn * plotted the relation between K and C for dilute 
solutions, where 



CA^ 

A,{A, - AY 


and assuming that Ostwald’s law holds at infinite dilution, and 
that K is independent of C, he extrapolated the curve to the axis 
at zero concentration. 

Lorenz f used the equation, 

A^A^ — kOy . . . (55) 

and, taking Kohlrausch’s value of A^ for sodium chloride, he 
proceeded to calculate the values of k by giving w, in succession, 
the values 0*33, 0*40, 0*45, 0*50. He then found that for 
n = 0-45, the values of k over the range C= o*oooi — 0*02 
normal were fairly constant. 

Ferguson and Vogel J point out that this procedure is un- 
necessary. They consider equation (55) and plot values of A and 
C, a smooth curve being drawn through the points. They now 
choose a number of points whose abscissae increase in any suit- 
able geometrical progression, of common ratio, say r, and tabulate 
values of C, the corresponding values of Ay and values of BAy 
the first difference. Thus, 

A = Aq^ kOy 

A^BA^A^- k{rCYy 
BA = AC"(i — r"), 
log BA = log I — r”) -b n log C. 

A curve drawn for the values of log S/l and of log C gives a linear 
relationship which determines k and n, and so for every pair of 
values of A and C equation (55) enabled them to find a series of 
values of A^y of which the resulting mean gives the most probable 
value. As an example, they quote the results for an aqueous 
solution of potassium chloride at i8® C. 


and so 
or 


* Jour. Amer, Chem. Soc., 40 , 122 (1918). 
f Zeils. anoTg. Chem.. 108 , igi (loig), 
tPA*7.Ma5., 50, 97i’(i925). ^ 
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c . 

A. 

6A. 

log £A. 

log C. 

Gnm-eouivalents 
per Litre. 





1*0 X 10 ~* 

129*07 

128-77 

.30 

r -47712 

4OOOOO 

2*0 X lO^* 

•48 

1-68124 

4-30103 

128*29 

4*0 X IO“* 

8*0 X lo”* 

•69 

1*83885 

4*60206 


127*60 

*93 

1*96848 

490309 

1*6 X 10*^ 

126*67 

1*23 

*08991 

3*2041 2 


3*2 X IO-* 

125*44 

1-67 

•22272 

3*50515 

6*4 X io“* 

123*77 





A plot of log 8A against log C gives n = 0*4520 and k = 61*26, 
so that for an aqueous solution of potassium chloride, 

A = Ao — 61-26 C‘> «2o. 

From any pair of observed values of A and C they now calculate 
Aq, The results of this calculation are shown below, and it will 
be seen that the values of Aq thus obtained are very consistent. 



c 


A 

Ao* 

1*0 

X 

IO-* 

129*07 

130*02 

2-0 

X 

XO“^ 

128*77 

130*07 

5*0 

X 

10-^ 

128*1 1 

13008 

i-o 

X 


127*34 

13004 

2*0 

X 


126*31 

1 30*00 

50 

X 

10^ 

124*41 

130*00 

1*0 

X 

10^* 

122*43 

13007 


TABLE XXL 

Equivalent Conductance of Aqueous Solutions at 18” C. (Ferguson 

AND Vogel.) 


Salt. 

Ao* 

k. 

n. 

Salt. 

Ao* 

k. 

n. 

KCI 

130*04 

61*26 

*4520 

KCNS 

121*08 

74*35 

*4947 

NaCl 

109*02 

54*24 

•4431 

CsCl 

13307 

80*97 

*5062 

LiCI 

9907 

51*74 

•4364 

AgNOa 

116*19 

64*17 

*4404 

KNOa 

126*39 

74*67 

•4796 

KCIO, 

119*57 

70*86 

•4747 

NaNOa 

105*48 

57*32 

*4458 

Ca(NOa)a 

1 14*02 

100*63 

•4196 

LiNOa 

9540 

47*96 

*4253 

Sr(N 03)2 

** 3*49 

121*72 

*4582 

KlOa 

98*54 

61*07 

•4604 

Ba(NO,). 

1 16*87 

175*63 

•5120 

NalOa 

77*54 

54*66 

* 455 * 

PbCNOa). 

123.44 

164*50 

*4520 

LilOa 

67*53 

48*22 

•4422 

CaCl, 

116*75 

115*84 

*4622 

KBr 

132*30 

58*15 

•4324 

MgCIj 

111*63 

8387 

*399* 

KI 

130*66 

60*86 

•4636 

K2SO4 

132*85 

141*98 

*4582 

KF 

111*54 

56*34 

*4409 

KjCj 04 

* 25*73 

323*97 

•6772 

NaF 

90*08 : 

62*69 

*483* 

MgS 04 

113*72 

626*2 

*5507 

TINO3 

127*39 

1 13*10 

*5458 

CUSO4 

114*16 

810*2 

■5711 

TlCl 

1 

131*04 


*5763 

CdSO* 

114*70 

771-5 

* 55*1 

1 
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As the authors point out, they do not suggest that equation 
(55) correct, but they use it entirely to calculate Aq. Incidentally, 
however, they find that the equation is valid up to concentrations 
of iO“® normal for all of the strong electrolytes investigated. For 
many uni-univalent and uni-bivalent electrolytes it holds up to 
a concentration of o*oi normal. Since their calculations of the 
values of Aq are probably the most accurate now available, the 



Fio. 9. — Storch*s dilution equation. 


^^es of A fj, k and n for several electrolytes are given in Table 
XXI. Usmg these values they proceeded to test the validity of 
me simple Storch equation by a logarithmic plot of equation (55). 
Fig, 9 exhibits graphically the results for some substances, 
and the closeness with which the solutions follow this law is 
measured by the rectilinearity of the line drawn through the 
observed points. 

The authors compared their values of A^ with those calculated 
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by means of equations (51) and (52). The values of Ao obtained 
from equation (52) fall off slightly with increasing dilution, and 
this deviation becomes more pronounced as the valency of the 
electrolyte increases. Thus, this equation (52) is not suitable for 
calculating the equivalent conductance at infinite dilution. 

A perusal of the results shown in Table XXI. indicates that, 
contrary to the usual assumption that n is independent of the 
nature of the eIectrol)^e, both A and n vary in a regular manner 
with the character of the electrolyte, and their values are there- 
fore important characteristics of each electrolyte. It seems that 
k varies irregularly with the temperature, and n apparently de- 
creases with rising temperature, except in the cases of potassium 
bromide and sodium acetate. Vogel * obtained the following 
values of n at different temperatures for a solution of potassium 
iodide in nitromethane : — 


Temperature. 

25" 

55l 

70" 


Afl. 

A . 

ft. 

9079 

353-8 

•5726 

123*02 

659*6 

-6083 

144*1 

717-6 

-5939 

165*27 

1,034-5 

*6317 

193*0 

928*6 

-5552 


Having determined the values of k and n, it is possible to 
calculate a value for the equilibrium constant, K, in Storch’s 
equation, and the values thus computed serve to test the close- 
ness with which Storch’s law is followed. The values of K, 
calculated for several electrolytes by Ferguson and Vogel, f are 
given in Table XXII. From these results the variation in the 
value of n with concentration may be determined. For various 


TABLE XXII. 


Calculated Values op the Equilibrium Constant, K, for Different Elec- 
trolytes AT 18® C. (Ferguson and Vogel.) 


Salt. 

Values of X at ConcentratioiL 

10^^ N* 

5 X 

xo-a N. 

1 

5 Xio-»N. 

io-«N. 

io-»N. 

N. 

LiCI 

LiNOa 

Sr(NOa)a 

Ba(NOa), 

CUSO4 

CdS04 

HCl (25® C.) 
HIO,(2 s® C.) 




1 

1-55 

1*63 

067 

0-48 

0*065 

0*058 

0*158 

0097 

1 

*-54 

1*62 

0*67 

0*48 

0*065 

0*058 

0*113 

*-57 

I *61 

0*68 

0*48 

0*077 

o*o68 

0*180 

1*44 

1*44 

0*58 

1 

0*1 12 
0093 


PM /. Mag ., 5 , 199 (1928). 


t Ibid ., 4 , I (1927). 
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substances n is a linear function of the concentration, increasing 
as the concentration is raised. This result is directly opposed to 
the conclusions of Noyes and Falk,* and especially of Bates, f who 
stated that the values of n increase as the concentration falls. 

It is of course possible that these results of Ferguson and 
Vogel are capable of other interpretations. The fact that an 
empirical equation will fit given sets of figures is no guarantee 
that it is the correct equation to apply, and it is obvious that the 
good agreement obtained by these experimenters, by varying the 
values of k and n, can equally well be obtained by using other 
empirical equations. Nevertheless, Ferguson and Vogel have 
refuted the claim that the simple square root formula (51) of 
Kohlrausch best represents the relation between the equivalent 
conductance of strong electrolytes and concentration. It is 
evident that the correctness, or otherwise, with which a formula 
represents this dependence varies with the accuracy of the experi- 
mental data. 

Assuming that ionisation is complete in dilute solutions, and 
that the motion of an ion through a solvent obeys Stokes’s law, 
Debye and Huckel J deduced the expression 


^0 /^i^i I ^ 

~ V“Dr 5 




• (56) 


where k-^ and are universal constants for all solvents at the same 

temperature, 

Dy the specific inductive capacity of the solvent, 
a>i and a>2 are termed valency factors, 
by the harmonic mean of the ionic radii, 

Tiy the number of ions per molecule, and 

Cy the equivalent concentration of the electrolyte. 

The values of toj and a>2» for different salt types in which the 
anion and kation have equal mobilities, are given below ; oji 
varies with the relative mobilities of the two ions, but is in- 
dependent of these mobilities : — 


Salt type. 

KCl 

KjSO* 

MgSO* 


Values of Valency Factors 


•24 


1-41 

2 


Equation (56) may be written in the form 

A = ^ + kC^y 

• Jour. A^. Chem. Soc., 34 , 479 (1912). 
t Itnd.y 35 , 519 (19x3). X Phys. Zeits., 24 , 305 (1923). 


ELECTROLYTIC CONDUCTANCE OF SOLUTIONS 


79 


where k is determined in terms of certain constants of the 
electrolyte and solvent, and the exponential of C is independent 
of the nature of the electrolyte. The formula thus agrees with 
equation (5'). but not with the results of Ferguson and Vogel, 
since these experimenters show that n is not constant. The 
equation is in general agreement with experimental results for 
strong electrolytes, as the change in the equivalent conductance. 
Ay is proportional to the square root of the concentration. It 
is also dependent upon the dielectric constant of the solvent and 
upon the valencies of the ions. The best test of the theory is 
to see how nearly the equation enables us to calculate the equi- 



valent conductance of a salt in different solvents. Hartley* 
plotted observed and calculated values for potassium iodide in 
various solvents, the values of b required being calculated, by 
means of Stokes’s law, from the ionic mobilities at infinite 
dilution. The results are shown in Fig. 10, and it will be 
seen that in water and methyl alcohol the calculated slope of 

tbe curve is greater than the observed slope, but in ethyl 

alcohol and acetone the agreement is very close. Other salts 
give better agreement in some solvents than in others, but it 
is a remarkable achievement that the theory predicts so closely 
the variation of the equivalent conductance of electrolytes, in 

• Nature, 119 , 32a (1927). 
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dilute solutions of different solvents, from a knowledge of the 
physical properties of the solvent and the ionic mobilities at 

infinite dilution. ^ 

Hartley and Frazer * * * § have shown that Debye and Huckel s 
equation holds for eighteen uni-univalent salts in methyl alcohol 
below a concentration o-oo2 normal, and subsequent work has 
confirmed it for a large number of other salts. Walden, Ulich 
and Busch f have found the same relationship for salts in acetone 
below 0-0005 iiormal, while Ulich has recently used the square 
root law in recalculating the values of the equivalent conductance 
at infinite dilution of electrolytes in a number of solvents. Debye 
and Huckel also examined a large number of experimental results 
for many non-aqueous solvents, and found that, in general, the 
more accurate and concordant the data, the more closely did 
they conform to the square root relation in dilute solution. 

The dilution at which the linear relationship ceases varies 
with the solvent, the solute and the temperature. It is interesting 
to note that in some non-aqueous solvents, certain lithium salts 
do not obey the relationship, or do so only at exceptionally high 
dilution. There is little doubt that the exceptional behaviour of 
these salts is due to the formation of complex ions. 

Duperthius J measured the conductance of salts in pyridine and 
in various alcohols between 0° C, and 80° C., and his results show 
that the range of applicability of the square root relation is 
diminished at the higher temperatures. 

As mentioned previously. Hartley and Frazer, by means of 
Debye and HuckeFs formula, calculated values of the equivalent 
conductance at infinite dilution of different salts in methyl alcohol 
at 25° C. Vogel, § using Hartley and Frazer’s experimental re- 
sults, but Ferguson and Vogel’s method of calculating values of 
/Iq, determined the values of Aq in methyl alcohol. 

Table XXIII. shows the comparison between the two sets of 
results and, as will be noted, there are several discrepancies. 

Onsager,!! assuming complete ionisation in dilute solutions, 
deduced the equation, 

A = A^~~ BVy, . . - ( 57 ) 

where y = and 



0-986 X 10* 


.wAq -I- 


29-0 

(pT^ 


(»'i -h ^ 2 )- 


• Proc. Roy. Soc., A, 109 , 351 (1925). 

■f Zeits. phys. Chem., 123 , 429 (1926). 

t Dissertation, Lausanne (1908). 

§ Phil. Mag.. 6, 199 (1928). ]| Phys. Zeits., 27 , 388 (1926). 
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TABLE XXI 1 1. 


Equivale*nt Conductance of Salts in Methyl Alcohol at 25 C. 


1 SalL 

A« (Vogel-s Value). 

k . 

1 

fU 

Ao ( 1 * razor aucl 
Hanky’s \'alue). 

LiCl 

8992 

1 

i 447*6 

•6213 

90-90 

NaCl 

97-29 

192-3 

•4670 

90-9 s 

KCI 

104*96 

271-2 

*5074 

10505 

RbCl 

109*41 

209-0 

*4448 

108-65 

CsCl 

113-78 

275-2 

•4882 ! 

1 13-60 

LiNO, 

100*22 

240-7 

-4926 

100-25 

NaNO, 

106*00 

363-5 

j -5409 

106-45 

RbNO, 

1 17*20 

495-8 

1 -5604 

1 18-15 

CsNO, 

123*24 

373*3 

•4930 

122-95 

AgNO, 

109*97 

io66’i 

•6591 

112-95 

KBr 

109*20 

300-3 

•5226 

109-35 

KI 

114-38 

• 331*4 

-5422 

114-85 


D is the dielectric constant of the solvent, and v.^ the valencies 
of the anions and kations, respectively, the coefficient of viscosity 
of the solution, and 

zq 

= *'•*'« • TTVq' 

q being given by 

^ _ ^>"2(^0 + ^0) 

i*'! + »^ 2 )(*^ 2^^0 + ^l^oY 

Uq and Vq are the mobilities of the ions at infinite dilution. 
When the solvent is water at 18° C., 

P = o'zywAo + 17 * 85(^1 + >^ 2 )- 

For uni-univalent electrolytes in water at 18° C., 

P = 35*7 + o-i 59 ^o- 

Fig. II shows the relation between measured and calculated 
values of the conductivity at different concentrations. The in- 
dividual differences between the electrolytes are chiefly given by 
the limiting slopes of the curves, hydrochloric acid showing the 
greatest absolute, and smallest relative, decrease of equivalent 
conductivity, with increasing concentration, lithium iodate the 
greatest relative, and smallest absolute, decrease. 

Onsager has determined values of from the conductivity 
measurements of Kohlrausch, and compared the results with the 
values of P calculated from the value of Aq. The deviations 
of the calculated from the theoretical values are very small for 

6 
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uni-univalent electrolytes, so it is concluded that Onsager’s equa- 
tion applies to this type of electrolyte. 

For bivalent binary electrolytes in water, 


A = A„- pV 4 Y, . . . (s8) 

where jS = 71*4 o-636ylo. 

Davies,* using Onsager’s equation for uni-univalent electro- 
lytes, such as salts of the alkali metals, finds that the salts are 
almost completely ionised up to concentrations of 0*5 normal. 
Lattey f suggested that for strong electrolytes, 



A 

B -f 



^300 


where A and B are constants peculiar to the solution in question, 
400 y and V is the dilution in gram- 

T iA*^ equivalents per litre. He calcu- 

lated the equivalent conductance of 
I potassium chloride solutions at 

^ I N. different concentrations, and found 

N. equation (59) gave results to 

^ I within ^ per cent, of the measured 

■C: I values even with normal solutions. 

^ The other formulae which have 

B been suggested for strong electro- 

^ 200 f lytes break down at values of v be- 

^ I tween 20 and 50. 

I In an attempt to find a general 

■| I expression for the relation between 

iQ' KCl concentration and the degree of 

100 V ionisation which is applicable to all 

I electrolytic solutions, Kraus and 

Bray J suggested the formula, 

(Ca)* _ 


ZOO 


k 


100 


KCl 


OS 70 

Vie, in which Ky k and n are constants 

Fig. II. — Equivalent conductance determined both by the nature of 
of electrolytes in water, the electrolyte and of the solvent. 

In sufficiently dilute solutions the 
term involving (aC)" becomes negli^ble in comparison with 
and the equation approaches the simple mass action law as a 

• Trans, Farad. Soc., 23 , 355 (1027). 
t Phil. Mag., 4 , 831 (1927) 

XJour. Amer. Chem. Soc., 35 , 1315 (1913). 


/•s 


C(i — a) 


= K+k{«.CY, (60) 
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limit. In concentrated solutions K becomes negligible in com- 
parison with A(aC)", and the equation assumes the form of 
Storch*s equation. For values of n> i the molecular conductance 
passes through a minimum value, while for values of the 

molecular conductance decreases continuously with increasing 
concentration. The general equation applies to the data available 
for solutions in liquid ammonia and liquid sulphur dioxide. 
These experimenters examined the applicability of the mass 
action law to dilute solutions of strong electrolytes in non-aqueous 
solvents, and found that up to ionic concentrations between o*oooi 
and o’ooi normal, the law applies within the limits of experimental 
error, but at higher ionic concentrations the deviations become 
measurable. This limiting ionic concentration is approximately 
the same for solutions of a given electrolyte in different solvents, 
and for different electrolytes in the same solvent. 

Szyszkowski • suggested the equation, 

= K + k[C(i - «)]", . . (61) 

C(l a) 

to represent the variation of ionisation with concentration. This 
equation is similar to equation (60), the only difference being that 
the deviations from the mass action law are attributed in one case 
to the influence of the ions, and in equation (61), to the influence 
of the non-dissociated molecules. The fact that the ionisation 
reaches a minimum value at a certain concentration is, perhaps, 
more readily interpreted in terms of Szyszkowski’s formula. 
Recently f he has proposed another formula which is in good 
agreement with experimental facts over a wide range of con- 
centrations. 

43 . The relation between conductivity and viscosity. — 
The ions in their motion through a solvent are subjected to a 
viscous drag, or retarding force, due to the viscous properties 
of the solvent. Wiedemann J first suggested that the conduc- 
tance of an electrolytic solution is dependent upon its viscosity, 
and he inferred that if the relationship is a simple one, the con- 
duction process must consist of a migration of carriers through 
the solution, under the influence of the impressed potential 
difference and against the opposing frictional resistance of the 
surrounding molecules. The mobility of the ions depends, 
therefore, upon the fluidity § of the medium through which they 

• Medd. Nobel. Inst., 3 , No. 2 (1915)- 

t Acad. Pol. Set. et Lettres Bull., 8a, 324 (1926). 

X Pogg. Ann., 99 , 228 (1856). 

§ Fluidity is the inverse of viscosity, i.e.,f = L 
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travel. When the temperature, or concentration, of a solution 
is altered, there is usually a marked alteration in the fluidity, 
and experimental data point to the conclusion that this produces 
a change in the ionic mobilities which may, as a first approxima- 
tion, be justly regarded as proportional to the change of fluidity, 
so that U = a/, V — bfy and U -\- V = {a &)/, where a and 
b are constants and / is the fluidity of the medium. 

In certain cases this simple linear relationship undoubtedly 
exists. Thus, in very dilute aqueous solutions the equivalent 
conductance is actually directly proportional to the fluidity over 
the range o°-36° C. Kohlrausch * has shown that this relation- 
ship also holds good for dilute solutions of sodium valerate, in 
which the mobility of one of the ions is very small. In other 
cases the linear relationship is less accurate, and although the 
ionic mobilities are closely related to the fluidity, they no longer 
obey a linear law. Thus Kohlrausch f found that the temperature 


I dU 


coefficient of ionic mobility, in dilute solutions is usually 


less than the fluidity temperature coefficient, j the diflference 

being greatest for the hydrogen and hydroxyl ions, Wolf,J and 
Rudorf § have also shown that when the viscosity of a salt solution 
is increased, at constant temperature, by the addition of acetic 
acid, or a non-electrolyte, the decrease in the conductivity is pro- 
portionally less than the decrease in fluidity. 

Johnston {| found that 



where k and a are constants, /Iq, the limiting equivalent con- 
ductance of a given electrolyte at any temperature, and /, the 
fluidity at the same temperature. He showed that a does not 
differ greatly from unity, being generally less than unity, and 
that it has a specific value for the individual ions. Washburn Tf 
proposed to apply a correction for viscosity to the conductance of 
each ion, assuming that the change in speed w ■ an ion experi- 
ences, as a result of a given viscosity change with concentration, 
is the same as that to which it is subjected for the same viscosity 
change, brought about by a change in temperature. 

It is evident that in interpreting the viscosity influence on 


•Proc. R<ty. Soe., A, 71 , 338 (1003). 

+ Sitz. der Akad. Wiss. Berlin, 26, 572 (1902). 
XZeits. Elektroc., 8, 117 (1902). 

^Zeits. pkys. Chem., 43 , 257 (1903). 

WJour. Amer. Chem, Soc., 31 , 1010 (1909). 
q Ibid., 1461 (19x1). 
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conductance, the relative dimensions of the ions are of primary 
importance. Change in viscosity is. in general, produced in one 
of three ways, namely, by a change in the concentration, which 
may be due to the addition of either a new substance or a larger 
amount of one already present in solution ; by a change in pres- 
sure, or by a change in the temperature. As the size of an ion 
increases it is probable that, ultimately, its speed will become a 
linear function of the fluidity. That its speed should change 
more rapidly than the fluidity seems unlikely, unless the di- 
mensions of the ion change. Kraus has shown that for very 
large ions conductance and fluidity change in direct proportion 
to each other, but that for ions of smaller dimensions, the speed 
undergoes a relatively smaller change than the fluidity of the 
solvent, and this change is smaller the smaller the ion, the 
larger the original speed of the ion. 

It is a little doubtful whether Stokes’s law is applicable to 
bodies as small as ions. Millikan * has investigated this law as 
applied to small particles, and has concluded that it can only 
be regarded as valid in liquids for spheres of radii greater than 
io“® cm. Most ions are considerably smaller than this. 

The change of viscosity with concentration is much greater 
for inorganic electrolytes in non-aqueous solvents, than for the 
same electrolytes in water. The speed of the ions in non-aqueous 
solutions changes far less than the fluidity of the solutions, 
although at high concentrations the addition of a non-electrolyte, 
which produces a variation in the viscosity, also causes a change 
in the equivalent conductance in the same direction, but in most 
cases the variation of the equivalent conductance is less than the 
viscosity change. The smaller the molecules of the added non- 
electrolyte and the larger the ions, the more nearly does the 
equivalent conductance vary in direct proportion to the change 
of fluidity. 

The relationship between the mobility of an ion, in a solution 
of appreciable concentration, and the actual fluidity of the solu- 
tion, may be represented f by the scheme, 

change in X 
change in f 

where X indicates the forces acting on the ions and the other 
symbols have their aforementioned meaning. This relationship 
shows the necessity of applying a viscosity correction to experi- 



\ 


change in XJy 


• The Electron. 


t See Allmand, Trans. Farad. Soc.y 23 , 350 (1927). 
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mentally determined values of the mobilities. The value of this 
correction may be obtained as follows. If we assume that 
the results obtained from equation (42), viz., 

A = CIl{ua + UK)Fy A^ = {UA -f UK)oFy 

are correct, the suffix 0 referring to infinite dilution, then, 

A (ua -f «ir)o 

06 ~ A I 

Aq Ua -h UK 

so, assuming that 

{ua + ttx)o __ fluidity at infinite dilution 
Ua + UK fluidity at given dilution’ 

and remembering that the fluidities are inversely proportional to 
the coefficients of viscosity, we have 

„ — A. 1 

A'V • 



where rj and tjq are the coefficients of viscosity of the solution at 
the given concentration and at infinite dilution, respectively. This 
general formula is not exactly true. A more accurate relationship 
is that given by the equation, 



where ^ is a constant, the value of which depends upon the elec- 
trolyte. Nevertheless, k is, in most cases, so nearly unity, and 
its exact determination is a matter of such difficulty, that we 
may assume, with Noyes,* that equation (62) is sufficiently accurate. 
The whole correction for changes in mobility is small except for 
solutions of considerable concentration, and thus any error in 
the correction applied will produce a much smaller error, pro- 
portionally, in the values deduced both for the corrected equiva- 
lent conductance and the coefficient of ionisation. The values of 
this correction at different concentrations for aqueous solutions 
of sodium and potassium chlorides, at 18° C., are given in Table 
XXIV .f The concentrations are expressed in gram-equivalents 
per litre. 

A most important relationship, known as Walden's rule^ was 
found by Walden J to exist between the equivalent conductance of 


• See Noyes and Falk, Jour. Amer. Chem. Soe.^ 34 , 454 (1912). 

+ Ibid. 

J Zeits. phys. Chem., 107 , 219 (1923) ; 114 , 297 (1924) ; 113 , 429 (1924). 
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TABLE XXIV. 

Equivalent Conductance and Viscosity. 


Salt. 

CoDcecxtra- 

tion« 

1 

A. 


A-S. 

SalL 

Concentra* 

tion. 

A. 


Al. 

no 


o*oiN 

101-88 

I -©009 

101*97 


o*oiN 

122*37 

1 

122*37 

NaCl 

0*02N 

99*55 

i*©oi8 

99*73 


0*02N 

1 19*90 

0*9996 

1 19*9 

1 

©•©sN 

95*66 

I -©046 

96*10 

KCl 

O'OsN 

1 1 5*69 

0*9991 

1 15*6 


©•i©N 

91*96 

i*©o86 

92*75 


0 * loN 

111*97 

0-9982 

111*8 


©•2oN 

8767 

1*0167 

89*13 


o*2oN 

107*90 

0*9959 

J 07*5 


©• 5 ©N 

80*89 

1*041 

84* *3 


o*5oN 

102*36 

0-9898 

101 3 


i*©©N 

74 * 3 * 

i*©86 

80*70 


i*ooN 

98-22 

0*982 

96-5 


a solution at infinite dilution and the coefficient of viscosity of 
the solvent, viz., 

Afp) = constant .... (64) 


the value of the constant being independent of the solvent’s 
nature. This relationship is generally valid for salts which con- 
sist of large ions, presumably not admitting of rotation on ac- 
count of their size. For such ions a similar relationship must 
exist between the ionic mobilities Uq, Vq, and the viscosity 
coefficient 7^, and it is only necessary to determine the product 
UfP} or Vp) for such an ion in water, in order to predict the 
mobilities of the ion in all other solvents. Ulich * has tested 
this relationship for a large number of solvents and different 
ions. The substance chosen for the initial calculation was the 
large ion, N(C2H5)4'^, of tetraethyl ammonium salts, the mean 
value of Up} for this ion in water being 0*295. results at 

25° C., given in Table XXV., show that in many cases there is 
approximate constancy of the products Up} and Vp}, This con- 
stancy cannot be accidental. 

The importance of Walden’s rule lies in the fact that by means 
of it the value of the equivalent conductance, at infinite dilution, 
of an electrolyte, in any solvent, may be calculated. This is 
especially useful in the case of those solutions for which it is 
not convenient to determine this quantity experimentally. 

Onsager f used the empirical formula, 

■^ 0 — _ f/Q\ 

(50-49 -t- o-zzsSAo) 


• Tram. Farad. Soc , 23 , 388 (1927). 


t Ibid., 341 (1927). 
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TABLE XXV. 


Values of t/o’? and V^t} (Walden’s Rule). 


Solvent. 

Values of Ionic Conductance x Viscosity for the Ion 

N(C,Hs) 4 +. 

N(CH,).+. 

Na'*’. 

K + 

cr. 

Br“. 

I". 

CNS“. 

Water 

•295 

•41s 

•459 

•668 

■682 

•698 

•686 

*598 

Methyl alcohol . 

•294 

•354 

•251 

*292 

*284 

•30s 

•332 

•327 

bthyl alcohol . 

•295 

•317 

; *238 

•267 

•232 

•244 

•285 

*28 

Acetone . 

•294 

•325 

■217 

*220 

•332 

•370 

•366 

•40 

rurfural . 

'293 


*100 

■21s 

■ ■ 


*424 


Acetonitrile 

•294 


•a8 

•31 


'35 

•38 

*44 

Epichlorhydrin 

•295 

'338 



•328 

*363 

•36s 


Pyridine . 

•294 


♦22 

•27 

1 



*42 

■45 

Solvent. 

H + 

Li+. 

Ag+. 

NH,'*'. 


NO,“. 

CL 0 «“. 

Picratc”. 

1 

Methyl alcohol 

•779 

•2X3 

*284 

•322 


•832 

•376 

*267 

Ethyl alcohol 

•669 

*192 

•185 

*24 


*282 


•263 

Acetone . 


•224 

^ 1 

•278 

♦270 


•365 

•266 

Water 

3'*4 

■347 

1 

'569 

*664 

1 

-58 

•634 

*616 

*269 


to represent the behaviour of various electrolytes, tj being the 
relative viscosity of the solution. The values found for /(C) are 
given below : — 

C = 0-005N O'OiN O’OzN o*o5N o*iN 

/(C) = 0-07006 0*09441 0*1246 0*1748 0*2239 

The equation is approximately true for some electrolytes even 
up to concentrations 0*5 normal. 

Lattey * proposed the formula 

= a -\ — 

V 

to represent the relation between the mobility of an ion and the 
viscosity of the solution, a and b being constants. His results 
tor different electrolytes are shown in Fig. 12. and except for 
electrolytes containing and OH- ions, the calculated and 
experimentally determined values of Ao agree. 

Another interesting relation between the equivalent conduc- 
tance at infinite dilution and the viscosity of the solvent is that, 
it the motions of the 10ns are in accordance with Stoke’s law and 
if the ions are of the same size, the ratio of the values of for 

• Tram. Farad. Soc., 23 , 412 (1927). 
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a given salt in two solvents should equal the ratio of the fluidities 
of the solvents. This has been shown by Martin * to be true 
for salts in benzonitrile and in methyl alcohol solutions. His 


results are as follows, 


T?(MeOH) 

T7(PhCN) 


being equal to 0*45. 


Solute KI Nal Li I 

ylo(PhCN) 

/lo(MeOH) *45 *47 


LiBr AgNOg 
•38 -46 


44 . Conductivity and temperature. — In the majority of 
cases the value of the ionisation coefficient, a, is found to decrease 



Fio. 12. — ^Variation of equivalent conductance of electrolytes in water 

with fluidity. 


as the temperature rises, and the primary effect of an increase of 
temperature is therefore to reduce the amount of active material 
in the solution. On the other hand, the equivalent conductance 
at infinite dilution invariably increases as the temperature is 
raised. This is due to an increase in the mobilities of the 
ions, and is intimately related to the decreasing viscosity of the 
solution, the ionic migration proceeding more rapidly as the 
temperature rises. The temperature effect on the equivalent 
conductance is therefore determined by two opposing influences, 


Jour, Chem. Soe.^ 132 , 3270 (1928). 
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and the temperature coefficient, ^ positive or negative, 

according as one or other of these influences predominates. 

In the case of aqueous solutions the temperature coefficient, 
at i8° C., is always positive. The conductivity-temperature 
coefficient curves are very flat, and may be represented by the 
linear equation, 

At = 

where t is measured in degrees C., and a is the temperature 
coefficient. The curves, however, are more accurately repre- 
sented by the formula, 

At^Att,{i . . . ( 66 ) 

At and being the equivalent conductances at C. and o® C., 

respectively. 

The influence of temperature on the conductivity of aqueous 
solutions has been investigated by many workers and Kohlrausch,* 
from observations in the case of dilute solutions, deduced the 
temperature coefficients of many infinitely dilute solutions. He 
proposed the formula, 

<rt = + <*(« — i8) -f 6 (« — i8)2], . (67) 

where <Jt and o-jg are the specific conductances at t° C. and 18® C., 
respectively. His values of a and b for different electrolytes 
in water are given in Table XXVI. 

TABLE XXVI. 


Temperature Coefficients of Electrolytic Solutions (Aqueous). 


Electrolyte* 

o* 

b. 

Electrolyte. 

a. 

b. 

HNOa 

HCl 

H,S 04 

H,P 04 

KOH 

KNO, 

KI 

AgNOj 

KCl 

NH 4 CI 

NaNO, 

Ba(NO,), 

KF 

'OI63 

*0X64 

•0165 

*0169 

*0190 

*0210 

*0212 

*0216 

*0217 

*02x9 

*0220 

*0220 

*0222 

— *000016 

— -000015 

— *000017 

— *000001 
+ *000032 
-j- *000062 

4 - *000058 
-j- *000067 

4 - *000067 

4 - *000068 

4 - *000075 
-i- *000075 
+ *000079 

K,S 04 

Pb(NO,), 

BaCl, 

NaCl 

SrS04 

Na,S04 

MgS 04 

NaHC4H404 

NaF 

NaC,H,0* 

NaCjH.O, 

Na,COs 

0*0222 

*0224 

*0225 

*0226 

*0228 

•0233 

•0238 

*0241 

*0242 

*0242 

*0243 

*0262 

+ *000077 

4- *000078 
-j- *000083 

4 - *000084 
-j- *000084 
-j- *000097 
-j- -000095 

4 - *000109 

4 - *000102 

-i- -OOOIIO 

-j- *0001 1 1 
-j- *000151 


• Preuss, Akad. Wiss. Berlin, Sitz. Ber., 42 , 1026 (1901). See also BousBeld 
and Lowry, Proc. Roy. Soc., A, 71 , 42 (1902). 
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As a increases b is seen to increase regularly, from a small 
negative value in the case of acids, to a comparatively large positive 
value, and the relationship between the constants may be expressed, 
within the limits of experimental error, by the formula, 

b = o*oi63(a — 0*0174). • • ■ (^8) 

A similar equation was also used by Kohlrausch to express the 
influence of temperature on the individual ionic mobilities. 

Negative values of b occur only with the ion for which 
a = + 0-0154, ^ — — 0-000033, so with the acids which 
contain this ion. Positive values of b range from that of the 
hydroxyl ion, 

« = + 0*0179, ^ = -1- o-ooooo8, 

to that of the lithium ion, 

a = + 0-0261, A = + 0-000155. 

Since b can be evaluated when a is known, the change of conduc- 
tivity with temperature may be expressed in terms of a single 
arbitrary constant. When a = 0-174, b = from equation (68), 
and the conductivity temperature curve is then a straight line. 
The two constants in equation (68) are nearly equal, and the 
experimental results may be represented, with only slightly less 
accuracy, by means of the formula, 

b — o-oiyj(a — 0-0177). 

According to this formula the conductivity of all salt solutions 
should cease at — 39® C., whilst the more accurate formula gives 
the variation in the conductance zero of zt 2® C. according to 
the nature of the salt. Now the viscosity coefficient, rj^ of water 
may be represented by the formula, 

7 ] = 2-989(r + 38-5)"* 

It would appear, therefore, that at — 39° C. water entirely loses 
its fluidity, and a ready explanation of the conductance zero of 
aqueous solutions is afforded. Bousfield and Lowry * criticised 
the actual existence of such a sharply defined critical temperature, 
and considered that even at temperatures considerably lower than 
— 39® C., the electrolytic solution might still retain some appreci- 
able conductivity. 

In the case of incompletely dissociated solutions Kohlrausch 
found that the relation between a and A, given by equation (68), 
is less exact, but that this equation has a remarkably wide range ; 
a fair agreement appears, even in the extreme case of KHS04i 


Loc. cit. 
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where, for a 5 per cent, solution, a is 0-0095, 
of sulphuric acid where a changes from 0-0125, i*' ^ 5 cent, 
solution, to 0-0345 ^4*5 cent, solution, whilst h changes 

in the normal way from — 0-000052 to + 0-000297. 

The striking agreement between the constants in the equations 
relating the change of conductance and of fluidity with tempera- 
ture shows that, not only do the conductance and the fluidity of 
very dilute aqueous solutions tend towards zero values at the same 
limiting temperature, but also that their variation with tempera- 
ture can be expressed by one formula, and represented by one 
curve. In apparent contradiction to this statement, is the fact that 
for acids and acid salts in aqueous solution, the temperature co- 
efficient of conductance is actually smaller than the viscosity 
temperature coefficient of water, and that non-aqueous solvents 
have very small and even negative conductance temperature co- 
efficients. Thus Malsch and Wien * have shown that when an 
electrolytic solution is traversed by current impulses of short 
duration, the measured temperature coefficient is not the normal 
value that accompanies prolonged heating. They found that with 
this sudden heating the temperature coefficient is essentially de- 
termined by that of the viscosity. It is the same for all ions in 
aqueous solution, viz.^ 2*2 per cent. The ions are still unchanged 
and their movement obeys the friction laws. If the heating lasted 
a somewhat longer time, say io“® or iO“® sec., changes of the 
temperature coefficient appear which, according to Kohlrausch*s 

assumption, are attributable to changes in the constitution of the 
electrolyte. 

Whilst at low temperatures the temperature coefficient of 
conductance is determined mainly by the changing ionic mobili- 
ties, at higher temperatures the variation in the degree of ionisation 
becomes the dominant factor, and it has been suggested that at 
high temperatures an upper limit may exist, at which the conduc- 
tance would again become zero, owing to the complete absence 
of ionisation. In the case of aqueous solutions the indications of 
an upper conductivity zero are only slight, and measurements 
indicate that this upper zero conductivity point must lie very 
much farther from the boiling-point temperature than the lower 
zero conductance point is removed from the freezing-point tempera- 
ture. We should expect a maximum conductivity as the tem- 
per^ure is raised, and these maxima have actually been observed 
by Sach j in the case of aqueous solutions of copper sulphate. 
For the majority of aqueous solutions the temperature of the 


Phys. Zeits., 26 , 559 (1924). 


t Wied. Ann., 43 , 212 (1891). 
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conductance maximum lies above the boiling-point temperature, 
and experimental work is rendered very difficult. 

Much more evidence is available for the existence of an upper 
zero conductivity value in the case of non-aqueous solutions. 
Franklin and Kraus * * * § found that at high temperatures the conduct- 
ance of solutions in liquid ammonia decreases as the temperature 
rises an effect directly opposite to that observed by other workers. 
Maltby has shown that even at atmospheric temperature, the 
conductance of an ethereal solution of hydrochloric acid decreases 
as the temperature rises. Negative temperature coefficients have 
also been observed by Cattaneo J with solutions of ether, alcohol, 
and glycerol. Hagenbach § measured the conductivity of solu- 
tions in sulphur dioxide at temperatures ranging from 20° C. to 
i6o^ C. He found that the temperature coefficients, between 
100 C. and 140° C., of sodium iodide, potassium chloride. 



potassium bromide and the iodide were all negative, and the 
temperature of the upper zero conductivity value of these solu- 
tions, determined by extrapolation, was in each case some 5° C. 
or 10° C. above the critical temperature of the solution. 

High-temperature measurements have also been made by 
Walden and Centnerszwer |1 with solutions in sulphur dioxide, 
hydrochloric acid, quinoline, and a number of organic iodides. 

Bousfield and Lowry Tf represent the influence of temperature 
on the conductance of an electrolytic solution by means of a 
curve such as is shown in Fig, 13. At some intermediate tempera- 
ture, Tg, the value of which depends upon the nature of the solute 

• Amer. Chem. Soc. Jour., 24, 83 (1900). 

t Zeits. phys. Chem., 18 , 133 (1895). 

j Rend. Lincei, 2, I, 295 ; II, nz (1893). 

§ Ann. de Phys., 2 , 276 (1901). 

II Zeit. phys. Chem., 39 , 549 (1902). 

Q Loc. eit. 
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and the solvent, as well as upon the concentration of the solution, 
the conductivity reaches a maximum. As the temperature falls, 
the conductance decreases, and over a considerable range, BC, 
the curve follows an approximately linear law, the line becoming 
concave to the temperature axis near C, and convex near B. On 
this part of the curve the conductivity of the majority of aqueous 
solutions is represented, the acids giving values on the concave, 
and the salts on the convex, part of the curve. 

Above the maximum point the decreasing viscosity effect 
being now more than counterbalanced by that due to the de- 
creasing ionisation of the solution, the change in the degree of 
ionisation becomes more marked as the temperature rises, and 
the curve EF runs steadily down, cutting the axis at T4, the 
critical temperature of the solution, which is thus the temperature 
of the upper conductivity zero of the solution. 

Kunz * measured the conductance of strong aqueous solutions 
of sulphuric acid of at least four gram-equivalents per litre. The 
conductance of the strongest solutions falls gradually with the 
temperature, attaining a relatively small value at — 70° C. It 
is impossible to follow the more dilute solutions to so low a tem- 
perature on account of their freezing. It is evident, however, 
that the more dilute they are, the more rapid is the rate of change 
of the conductance with temperature. 

We have already referred to the phenomenon of ion hydration. 
About every ion there moves an atmosphere of the solvent, the 
dimensions of this atmosphere being determined by the in- 
dividual characteristics of the ion. The electrolytic resistance of 
a solution is a frictional resistance acting on the ions, and increases 
with the dimensions of the atmosphere. Thus the direct action 
between the ion and the outer portion of the solvent diminishes 
as the atmosphere becomes of greater thickness. 

The empirically discovered law, that the temperature change 
of resistance runs parallel to the change of the viscosity of water 

fuay be explained on the hydration theory. 
As a limiting case, for a very slow moving ion, i.e., one with a 
relatively thick water atmosphere, there is, during the motion of 
the ion through water, only friction of water against water, and 
therefore the electrolytic resistance will have the same tempera- 
ture coefficient as that of the viscosity of water, provided that 
the atmosphere itself does not change its dimensions with tem- 
perature. If, however, the atmosphere decreases with increasing 
temperature, the temperature coefficient of conductance may 


• Comptes Rendus, 135 . 788 (190a). 
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become greater than that of the fluidity. In connection with this 

thL PO'nted out that those ions with 

conductivity tem- 
perature coefficients, and that those substances of equal hydrating 

of ronducLce."’ temperature coefficient! 

The complexes present in solutions break down at higher 
emperatures. and thus we should expect a greater increasf in 

f u ftydtated salts as the temperature is 

l^sed than for substances but feebly hydrated. This ^conclusion 

experiment, t but potassium ferricyanide and 
ammonium chromate form exceptions to the rule. 

is du"e “ ®®^"is that electrolytic resistance 

L •? P! u"^ “ mechanical friction between an 

ion, or Its atmosphere, and the surrounding solvent. 

Amer. Chem. your,^ 34 , 357 (1905)* 
t See Watkins and Jones, Jour, Amer. Chem. Soc., 37 , 2626 Ogis). 
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CHAPTER IV. 

the migration of the ions. 

accompanying the conduction 

^ already discussed the manner in which the 

conductance of an electrolyte depends upon the velocities and 
concentrations of the ions within the solution. The current is 

bvThe'^ k‘^t • solution, partly by the anions, and in part 

^ T?""’ f "''/"g « ‘he electrodes being deposLd 

thereat. It is evident, therefore, that the strength of the solution 

must decrease unless the ions, which are removed at the elec- 
trodes, are replenished in some manner. This disappearance of 
the ions may be shown by passing an electric current between 
platinum electrodes through an aqueous solution of copper sul- 

th. lu"" blue coloration gradually disappears, at first from 
the neighbourhood of the electrodes, and then e.xtending towards 
the central portion of the solution. If the electrolysis is allowed 

to proceed for a sufficiently long period all of the copper ions 
are removed from the liquid. 

Since they move towards the kathode there must be, at any 
rate within the neighbourhood of the anode, a loss in the con- 
centration of these copper ions, and in general the greater the 
velocity of the ion, the more rapid will be the change in the con- 
centration of this ion within the vicinity of the anode It is 
obvious, therefore, that the changes in ionic concentration 
brought about m this manner, must be a measure of the ionic 
velocity. Although the anions and kations usually move through 
a solution at different velocities, equivalent quantities of each ion 
always separate out at the anode and kathode, respectively in 
accordance with Faraday’s law of electrolysis. In other words 
for every faraday of electricity which passes through an electrolytic 
solution one gram equivalent of kation is set free at the kathode 
and a gram equivalent of anion at the anode, irrespective of the 

It must be realised that there is a difference between the manner 
in which the current is conveyed from one layer of the solution 
to the next, and that in which it is conveyed from the liquid to 
either electrode. Within the liquid the transference is partly 
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by positive ions travelling in one direction, and partly by negative 
ions travelling in the opposite direction, whereas, at the electrodes 
the transference is by means of one kind only — by positive ions 
at the kathode and by means of negative ions at the anode. In 
consequence of this, more kations are deposited at the kathode, 
and more anions at the anode, than those for which the ionic 
streams, due to the applied potential gradient, are responsible. 

46. Concentration changes produced by current. — 

Hittorf * first investigated the part which each ion plays in this 
transport of electricity through a solution, and he made a careful 
study of the concentration changes that occur within the immediate 
vicinity of the electrodes during electrolysis. Smith f has ex- 
plained these changes in the following admirable manner. 

Consider the electrolysis of a binary electrolyte, MX, which, 
in solution, yields ions of the same valency, and let O and K, 
Fig. 14, represent parts of the anode and kathode, respectively, 



Fig. 14. — Migration of ions. 


the curves extending between them representing the section of 
solution bounded by current stream lines, f.c., lines along which 
the current is supposed to flow. Then the electric current passing 
across any section, perpendicular to the tube, must be the same 
at all such sections, otherwise there would be an accumulation of 
free electricity in different parts of the tube. Let A be any cross- 
section of the tube. A* and A” being cross-sections very close to 
the electrodes. Suppose the potential gradients within the tube 
are such that ua and uk are the ionic velocities, respectively, 
and AT, the number of gram ions of each kind per unit volume 
near A. Let ua , uk and N\ and N", be the corre- 

sponding quantities for the sections A' and A\ respectively. In 
order that there shall be no accumulation of free electricity at 
any part of the tube we must have 

ANF{ua + uk) = A'N'F(ua' + uk') = A''N''F(ua‘' + wx"), 

• Pogg. Ann., 89 , 17? (1853)- . f Frof. Phy,. Soc., 28 . 148 (1916). 
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.‘'•’“"g^carried by a gram univalent ion. Assum- 
ing that the ionic velocity is proportional to the potential gradient. 


tu 

UK 


tu 


tu 


UK UK 

and, therefore, ANuj^ = A'N'ua = A'’N''ua\ 

Also. ANuk = A'N'uk' = A''N''uk\ 

Since the current flowing across any section of the tube is 

AN{ua + uk)F, 

the number of gram kations deposited on the kathode must be 

AN{ua + uk) = A'N'{tu' + uk'). 

and similarly the number of gram anions deposited upon the 
anode is ^ 


AN(ua + uk) = A-N-iiu’ + uk"). 

But the number of gram kations brought up to the kathode per 
second by migration, i.e., by virtue of the current, is A'N’uk’ and 
therefore A'N'ua gram kations must appear in some other wav. 
In addition, at the section A\ there must migrate towards the 

Thus the net result is 
that A N ua gram kations and A'N'ua' gram anions must be 

found. They are taken from the A* N'u a moles of salt that are 
present m the vicinity of the kathode. In other words, A'N'u/ 
moles of the solute, dissociating into their constituent ions supply 
the necessary ions, and hence there is a loss in concentration 
around the kathode of A'N'ua! or ANua moles per second 

In a similar manner, within the neighbourhood of A" there 
IS a loss of concentration of the solute equal to ANur moles per 
second ; of these = A"N"uk’ gram anions are liberaied 

at the anoc^e, ^.nAANuR = A"N"ur" gram kations migrate towards 
^e kathode. These results are practically self evident from 
big. 14. Hence we see that 


loss in concentration of solute round kathode 


tu 

Ur 


(69) 


loss in concentration of solute round anode 
j kathode loss ,, 

and the ratio — would, if measured, give the ratio of 
the ionic velocities. 

It must be emphasised that these reductions in the concentra- 
tion of the electrolyte occur when insoluble electrodes are used 
or rather, when the metallic radical of the solute is different from 
that constituting either of the electrodes, e.g., in the electrolysis 
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of copper sulphate solution between platinum electrodes. If the 
anode material and the metallic ion in the electrolyte are both 
of the same metal, for example, a silver anode dipping into a 
silver nitrate solution, the result is different. The silver anode 
loses weight equal to the weight of silver deposited upon the 
kathode, so that, while AN{iia + ue) gram kations are being 
deposited upon the kathode, the same number of kations leave 
the anode. Of these, ANue migrate to the kathode, and ANua 
remain within the vicinity of the anode. In addition, ANua gram 
anions enter the neighbourhood of the anode, and thus ANua 
moles of silver nitrate accumulate per second in this vicinity. 
Therefore, there is a gain in concentration of the solute around 
the anode equal to ANuAy and a corresponding loss in concentra- 
tion around the kathode. The concentration of the solution as 
a whole remains unaltered, the anode gain being counterbalanced 
by the kathode loss. In this case the current is carried from 
the anode to the solution by metallic ions only, just as it is from 
the solution to the kathode. 

During the electrolysis of a silver nitrate solution between 
silver electrodes, the weight of silver ions deposited upon unit 
area of the kathode, per second, will be N{ua + wjt) gram ions, 
and the weight of metal contained in the salt molecules carried 
away from the kathode space in the same time is Nua- Hence 
we have the important relation 

weight of metallic ion lost around kathode ua ^ x 

weight of metallic ion deposited on kathode ua + uk* ' 

where ; = tia is the transference number for the anion. 

Ua H- UK 

Instead of determining the weight of metallic ion lost around 
the kathode, the equal gain around the anode can be determined. 
An experiment conducted along these lines will give the trans- 
ference numbers of the ions. In practice, it is not necessary 
experimentally to measure the weight of metallic ion deposited upon 
the kathode, since another voltameter may be placed in series 
with the experimental one, and, knowing the weight of metal 
deposited in the former during an experiment, the amount of 
metal deposited upon the kathode in the experimental vessel may 
be determined from the values of the electrochemical equivalents 
of the various metals. 

47. Experimental determination of transference num- 
bers. — The apparatus required to determine the ionic trans- 
ference numbers of an electrolyte varies somewhat according 
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to the case studied, the concentration of the solution and the 
presence, or absence, of precipitation, or of gaseous products, at 
the electrodes ; but, in general, it is simply necessary to remove 
portions of the solution from the immediate neighbourhood of the 
electrodes, and to determine the concentration changes produced 
by the passage of a known quantity of electricity. The electro- 
lysis, however, must be interrupted before the concentration 
changes reach the central portion of the solution. Many forms 



Fig. 15. — Determination of transference Fig. i6 . — Findlay’s apparatus for 
numbers by Hittorf’s method. measuring transference numbers. 


of apparatus have been adopted, but they all follow, in principle, 
that used by Nernst and Loeb * in their experiments on silver 
salts, shown in Fig. 15. The silver wire anode, A, is insulated 
for the greater part of its length by means of a glass tube, and 
opens out into a flat spiral at its lower end. The kathode B 
consists of a cylindrical sheet of silver foil, enclosed in a small 
side bulb, so that fragments of silver which fail to adhere to it 
during electrolysis may not fall on to the anode and disturb the 


• Zeits. phys. Chem., 2 , 948 (1888). 
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results. The apparatus is filled with silver nitrate solution, and, 
as the solution near the anode becomes denser during the experi- 
ment and less dense around the kathode, convection currents 
arise. Disturbances due to these effects are avoided by placing 
the kathode at a higher level than that of the anode. The 
electrolytic cell is placed in series with a voltameter and a small 
current sent round the circuit. On account of the long column 
of electrolyte used in migration experiments, the resistance of 
the solution is high, and a fairly large voltage is required. At 
the conclusion of the experiment, liquid near the anode is removed, 
and its total salt content determined. A second portion of the 
solution, which represents the central part of the solution, and 
which should remain unchanged in concentration during the 
experiment, is drawn off and its salt content measured. The 
first portion of solution removed must consist of so much of the 
liquid near the anode as to contain all of the salt increase which 
the current has produced. 

Another example of the many types of apparatus, suitable for 
determining the transference numbers, is that designed by Findlay,* 
and shown in Fig. i6. The middle portion of the solution is 
easily separated at the end of the experiment. Three tubes 
A, B, C are furnished with stop-cocks by means of which the 
solution can be run out. The two outer tubes are connected 
to the U-tube with rubber tubing, furnished with spring clips. 
These are kept open during an experiment, but are closed after 
the experiment is finished, and the solution for analysis is run 
through the stop-cock at the bottom of the appropriate outer tube. 
Some of the liquid in the U-tube, representing that in the middle 
section, is also collected. The apparatus is simple to use, and 
may be employed with most solutions if gases are not evolved 
during the electrolysis. 

The method used in calculating the transference numbers 
from experimental data is illustrated by the following example : — 

Consider a silver nitrate solution, the original strength of ■ 
which is 1*1000 grams of silver nitrate per loo grams of aqueous 
solution. Electrolysis then proceeds, and in a copper voltameter, 
placed in the circuit, it is found at the end of the experiment that 
0-0227 gram of copper has been deposited. The final strength 
of the silver nitrate solution around the anode is 0-3999 gram of 
salt per 30-5403 grams of solution. Thus, after electrolysis, 0*3999 
gram of silver nitrate is associated with 30*1404 grams of water, 
and originally this amount of water contained 0*3352 gram of 


Chemical News, 100 , 185 ( 1909 ). 
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the salt. Hence the increase in the weight of salt around the 
anode is 0-0647 gram, and so the gain in the amount of silver 
ions in this part of the solution is 0-0410 gram. Since the weight 
of copper liberated is 0-0227 gram, the weight of silver deposited 
upon the kathode in the experimental cell is 0 0771 gram, and 
from equation (70), 



Ua 

Ua + UK 


0-0410 

0-0771 


0*532, 


from which it follows immediately that the transference number 
of the kation, Ag"^, is 



48 . Change of transference number with concentra- 
tion and temperature. — In general, the transference numbers 
depend upon the concentration of the solution, but in most cases 
this dependence does not become pronounced, until concentra- 
tions are reached at which the viscosity of the solvent is materially 
affected by the presence of the electrolyte. As the ionic velocity 
m a solvent depends upon the viscosity, we may infer that the 
variation in the transference number at the higher concentrations 
is due, in part at least, to the changing viscosity of the solution. 
The transference numbers for uni-univalent substances at 18® C. 
do not vary more than 3 X io“® units throughout the concentra- 
tions range 0-005 — normal, except for nitric acid and lithium 
chloride, but for the halides and sulphates of the bivalent metals 
and for lithium chloride they decrease steadily and rapidly with 
increasing concentration. This large change is probably due, not 
to physical causes, but to changes in the composition of the ions. 
The transference numbers of uni-bivalent salts, unlike those of 
the bivalent halides, show little, if any, change with concentration, 
which fact suggests that intermediate ions, such as KS04~ or 
NOgBa"^, and complex ions such as K2(S04)2 , are not present 

in large quantities in solutions of these salts at concentrations 
below 0*2 normal. 

The transference numbers for hydrochloric acid and sul- 
phuric acid are practically constant within the concentration 
range 0-005 — o-i normal, but they differ from those calculated 
for these solutions at infinite dilution. The numbers for the 
bivalent halides and sulphates vary considerably with concentra- 
tion above o-i normal, and for cadmium in cadmium iodide 
solutions, at and above 0-5 normal, they are actually negative. 
These effects are attributed to complex ions present in the solu- 
tions. 
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The transference numbers of both ions in potassium chloride 
are, approximately, 0*5 and therefore each ion carries practically 
one half of the current, so we assume that the chlorine and po- 
tassium ions are of the same size. 

As the temperature increases, the transference numbers for 
all electrolytes approach the value 0-5, and the ionic mobilities 
tend towards the same value. This result applies to all combina- 
tions of positive and negative ions and therefore, if various salts 
contain sim lar negative ions, but different positive ones, it is 
evident that, provided the degree of dissociation remains the same 
in all cases, the equivalent conductance of these salts must approach 
a common value as the temperature increases. From this it 
follows that the smaller the equivalent conductance of an elec- 

TABLE XXVII. 


Influence of Temperature and Concentration on the Transference 

Numbers of Kations. 


Electro- ' 
lytc. 

Tem- 

perature 

C* 

KalioQ Transference Number at Ccoccotration 

0*005 N. 

o’ox N. 

0*02 N* 

©•05 N. 

o'x N. 

0*2 N. 

0*5 N. 

X N. 


NaCI 

0 

A 

*387 

■387 

•387 

386 

•385 





18 

•396 

•396 

•396 

•395 

■393 

•390 

■382 

•369 


30 

96 

•404 

•404 

•404 

•404 

•403 

— 


— 

KCl 




•442 

•442 

•442 


— 

0 

■493 

•493 

•493 

•493 

•492 

•491 






•495 

•49s 

•495 

•49s 



— * 



•496 

•496 

•496 

•496 

•495 

•494 



LiCl 

NH4CI 

30 

•498 

•498 

•498 

•498 

'497 

•496 



18 

18 


•332 

•492 

•328 

•492 

•320 

•492 

•313 

•304 


z 

AgNOa 

30 

18 

— 

’495 

•471 

•49s 

•471 

•471 

• 47 * 

' 



HCI 

25 


•477 

•477 

•477 





0 

■847 

•846 ; 

•844 

•839 

•834 





10 

’840 

‘840 

’841 







18 

•832 

•833 

•833 

•834 

■835 

CO 

0 

00 

•844 

BaClj 

30 


'822 

'822 

'822 


1 



0 

•439 

•437 

•432 

— 

«— 





25 * 

•441 

•438 


•42s 

*416 

•379 

•379 

•353 

CdBr, 

Cdl, 

K,SO* 

H,S04 

30 

•44s 

•444 

‘443 






18 

•430 

•430 

•430 

•430 

•429 

*410 

•350 

•222 

18 

18 

’445 

1 

•444 

•494 

•442 

•492 

•396 

•490 

•296 

•127 


* 

20 


— 

'822 

'022 

'822 

*820 

KQ 

'8i2 

MgSO, 

32 



•808 

'808 

•808 


mmm 


18 

♦388 

•38s 

•381 

'373 



^9 


CdS04 

CUSO4 

18 

x8 


•389 

•384 

•374 

■364 

•350 

•323 

•294 


■■ 

•375 

•375 

•373 

•361 

■327 



• See Jones and Dole, Jour. Amer. Chem. Soc., 51 . 1073 (1929)- 
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t^rolyte, the greater is its temperature coefficient. Such a result 

holds experimentally, not only for ver\' weak solutions, but also 
at moderate dilutions. 

Values of the transference numbers for dilferent Rations in 

solutions at^ various concentrations and temperatures are given 

m Table XXVII.* It will be observed that for potassium chloride 

the number varies only slightly with temperature, whereas for 

sodium chloride it increases considerably as the temperature is 
raised. 


49. Solvation of the ions. — In considering the trans- 
lerence numbers we have assumed, so far, that the ions migrate 

water remaining stationary throughout 
the duration of the electrolysis. But the relation between equi- 
valent conductance and viscosity does suggest that, in some cases 
at any rate, molecules of the solvent are attached to the ion and 
move along with it. We have referred to this phenomenon as 
hydration of the ions in the case of water, but the effect takes 
place in other solvents, so that a more general term — solvation 
of the ions — has been introduced. 


. great deal of evidence has accumulated along various lines 
m favour of the view that ions are, more or less, solvated. Amongst 
the strongest evidence is that which has been deduced from the 
results of transference experiments, carried out with various salt 
solutions in the presence of different non-electrolytic reference 
substances. If, at the end of such an experiment, the ratio of 
solvent to non-electrolyte has changed at the electrodes, then it 
follows, either that the ions have carried solvent in the one direc- 
tion, or that they have transported the non-electrolyte in the oppo- 
site direction. Buchb6ck,'|' who was the first to obtain satisfactory 
quantitative results by this method, electrolysed hydrochloric acid 
solutions, using mannite or resorcinol, at widely different concen- 
trations, as the reference substance. Washburn J added raffinose, 
which is optically active, and measured the optical rotation of 
the solution near the electrodes both before and after electrolysis 
had occurred. From his results he calculated the original and 
^al concentrations of the raffinose, and determined the change 
in the amount of water at the electrodes. 

All the experiments agreed, and unless we are prepared to 
assurne that the different reference substances are capable of 
combining with the ions in the same way, the conclusion would 


Sec Noyes and FaJk, Jour. Amer. Chem. Soc., 33 , 1436 (191 1). 
f Zeits. phys. Chem., 55 , 563 (1906). 

I Jour. Amer. Chem. Soc., 31 , 322 (1909) ; Zeits. phys. Chem., 66, 513 (1909). 
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seem to be justified that the change in the ratio of solvent to 
non-electrolyte at the electrodes must be due, at least in the main, 
to the transfer of solvent by the ions from one part of the solution 
to another. 

The electrons of the molecules constituting the solvent re- 
main attached to their respective molecules, and on applying an 
external electric force, the electrons and the residual positive 
charge tend to move in opposite directions. Although the actual 
state of affairs may be complicated in any case, we shall have, on 
the whole, positive electricity at one end of the molecule and 
negative electricity at the other, and in this state the molecule 
is said to be polarised. A positive and an equal negative charge, 
situated at a small distance apart in this manner, form an electric 
doublet or dipole. In general, therefore, ions will polarise the 
molecules of a solvent in which they are situated, and any par- 
ticular ion will be surrounded by oriented polarised solvent 
molecules, held, more or less firmly, to an extent which depends 
upon their distance from the ion. Hence when the latter moves 
under the influence of an external electric field, we should expect 
the ion to carry with it a sphere or sheath of the solvent.* 

Closely related to this phenomenon is the salting out process. 
Consider, for example, a solution of ether in water. Upon dis- 
solving an electrolyte in the mixed solvents, the water and ether 
molecules distribute themselves around the ions, this distribu- 
tion depending upon the distance from an ion. There will be 
a relatively greater concentration of the more highly polarisable 
water molecules, the ether molecules being expelled to some 
distance from the ion. This is an example of the salting out 
phenomenon. The hydrogen ion is unique in that it consists 
of a single proton, probably combined with one water molecule 
to form a HsO^ ion. The hydrogen ion is thus hydrated, and 
is apparently buried within a water molecule. The other so- 
called hydrated ions are surrounded by oriented water molecules 
which the ions carry with them as they move. 

It is evident, therefore, that the radius, of an ion, as deter- 
mined with the aid of Stokes’s law, is greater than the radius ^o» 
of the ion proper, and the space occupied by the solvation envelope 
is obtained by deducting the moleculer volume of the ionic body 


• In the case of an anion these water molecules will be oriented with the 
hydrogen inwards, while those around the kation will be oriented with the 
oxvgen inwards. The oriented molecules are strongly attracted to the central 
pole and will tend to squeeze out any non>polar molecules from its immediate 
neighbourhood. The attraction of the water molecules to the ions will also 
tend to drive the ions apart, since in this way they will be able to hold a larger 
quantity of water than when acting as ionic doublets in concentrated solutions. 
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proper from the ionic volume as calculated by means of Stokes’s 
law4 If this result is divided by the molecular volume of a solvent 
molecule the actual number of solvent molecules within the en- 
velope is determined. It should be noted, however, that owing 
to the strong ionic forces existing within the solution, the packing 
u molecules in the envelope will be much denser than in 
the free solvent. Ulich * has calculated some solvation numbers 
m this manner. His results are shown in Table XW'III. 


TABLE XXVUI. 
Solvation Numbers. 


SolvCBt. 



Solvation Number. 


% 

u+. , 

1 


K + . 

Cl". 

Br". 

I". 

Water 

Methyl alcohol . 
Ethyl alcohol 
Acetone . 
Acetonitrile 
Furfural 

Pyridine . 

6-7 

1 

7 

6 

4 

j 

1 

2-4 

5-6 

4-5 

4-5 

5 

5 

4 

. 

4 

3-4 

4 

3-4 

4 

2-3 

1 

4 

4-5 

2 

1 1 1 

0-3 

2-3 

O-I 

0*2 

0-1 

0-1 


The solvation of the kations appears to be fairly constant for 
all solvents, whilst that of the anions is decidedly smaller in 
acetone, furfural and pyridine than in the alcohols. The iodide 
ion seems to have a very small, if,any, fixed solvation envelope, 
in these solvents. 

If Ng* and Ng^ represent the number of moles of solvent 
associated with each gram anion and gram kation, respectively, 
and n^, iij^, the transference numbers in the absence of solvation, 
then the net electrolytic transference, Ng, of the solvent per 
faraday, is given by 

Ng = n^Ng^ - HaNsA . • (7O 

Various investigators f have shown that organic ions in water, 
at any rate the larger ions, do not carry any water envelopes, 
so that it should be possible to determine the absolute value of 
the water carried by an inorganic ion in cases when the other 
ion is organic since one of the terms of the right-hand side of 

• Trans. Farad. Soc., 23 , 392 (1927). 

t Hcvesy, /. Radioakt und Elektromek, 11 , 419 (1914) ; 13 , 271 (1916) ; 
Lorenz, Zeits. anorg. Chem., 94 , 240 (1916). 
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equation (71) vanishes. Thus Remy and Reisener * found that 
if the electrolyte contained an organic kation, the direction of 
water transport was, in normal solutions, in the opposite direc- 
tion to that of the electric current. In other words, the organic 
ion carried little, if any, water. These experimenters measured 
the water transport of aniline hydrochloride, and the value ob- 
tained represents the water carried by the chloride ion. Know- 
ing the true transference numbers of this salt, they calculated 
Ng*, the number of water molecules in the envelope surrounding 
the chloride ion, to be three. From this value they then deter- 
mined the degree of solvation of other inorganic ions. Measure- 
ments were made, using chlorides, bromides and iodides, the 
hydration numbers of the chloride, bromide and iodide ions being 
3, 2-1 and 3*7, respectively. From the results, shown below, it 
will be seen that there is fair agreement between the values as 
determined from the three solutions. The numbers quoted 
refer to the number of water molecules carried by each ion in 
normal solutions : — 


HYDRATION OF THE IONS. 


Ion. 


H+ 

Li+ 

Na+ 

K+ 

Cs+ 

NH4+ 

NH 30 H+ 

Mg++ 

Ca++ 

Sr++ 

Ba++ 


Number of Water Molecules Carried with each Ioq in Solution* 

Chlorides. 

Bromides. 

Iodides. 

0'9 

I'X 


I2'6 


HI 

7*4 

8-8 


41 

4-0 


3-8 



4*4 


- 

2*8 

— 

1 

141 

1 1*9 

II-7 

I2‘I 

8*1 

8*7 

77 

7.7 

9-5 

45 

3*1 

(78) 


Baborovsky and Wagner,'|' using aqueous hydrobromic acid 
solutions, found that the hydration of the hydrogen ion was 0-50 
in normal solutions and that the bromide ion travels with 3*08 
molecules of water. Baborovsky J also studied the electrolytic 
transference of water in solutions of the chlorides of sodium, 
potassium and lithium, and also in hydrochloric acid, at con- 
centrations from normal to o*i normal. In addition, he worked 
with the bromides of the three metals in normal solutions. He 


^ Zeits. phys. Chem., 126 , 161 (1927). 

\ Ibid., 131,129(1928). t 129 , 129 (1927). 
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calculated that the ions take up the following numbers of 
molecules 


109 


water 


K+ Na^ Li^ Cl- Br- 

2 5 8-9 13-14 4 3 

* noted ^at if the alkali metal kations are arranged 

m order of diminishing hydration, the caesium ion occupies the 
lowest position, and whereas Ulich • calculated for the lithium 
ion a hydration number of 6, Remy f deduced 12-6 as the value, 
but Remy’s figure holds for a normal solution, and Ulich ’s for 
infinite dilution. On the other hand, Riesenfeld J has calculated 
the water sheath of the lithium ion to be 158 molecules at infinite 
dilution. The reason for the discrepancy between Ulich’s and 
Kemy s hydration numbers for the sodium and lithium ions seems 
to be that trustworthy calculations are not possible by Ulich’s 
method, since the true volume of the solvent molecule attached 
to the 10ns is unknown. In addition, it is possible that, from 
u experimental methods, Remy’s figures for water 

sheaths not only took into account the true closely bound water 
molecules, but also included, to some extent, the water circula- 
ting around the ion. This would explain Remy’s higher values. 

Lindemann § has developed a theory which leads to the view 
that the ions are not hydrated in the sense that water molecules 
are combined with the ion, travelling as a quasi-rigid entity, 
but that the ions tend to transfer momentum to the solvent, thus 
causing transference of the solvent in the direction they are 

giving rise to the phenomena usually ascribed to 
hydration. The lighter ions, such as lithium, will transfer more 
momentum than the heavier ones, Wessel || suggested that the 
10ns in the interior of a solution are, through hydration, sur- 
rounded by a mobile envelope of water molecules of a thickness 
of several molecular radii, the molecules being grouped in accord- 
ance with their bipolar nature. On reaching the surface a partial 
dehydration of the ions occurs since the complete water envelope 
can now only occur on the solution side of the ion. Large ions 

are more easily dehydrated and brought to the surface than 
smaller ones. 


50 . True transference numbers. — Since ions are solvated, 
a transfer of water takes place from one electrode to the other 
when the ions move through water. Unless the number of 
water molecules carried by each ion is the same, there will be, 

• Tram. Farad. Soc., 23 , 392 (1927)- t Jbi'd., 23 , 387 (1927)- 

I Zetts. phys. Chem., 66, 672 (i 909 )' § Ibid., 110 , 394 (1924). 

II -Ann. d. Phys., 77, 21 (1925). 
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on the whole, a net movement of water within the solution. If 
this is so, the measured changes of ionic concentrations, which 
occur at the electrodes during electrolysis, will not entirely re- 
present variations in the number of ions brought about by migra- 
tion, and under these circumstances the transference numbers, 
as determined by means of the method described in section ( 47 ), 
are not the true values. This water transference may be measured 
experimentally by introducing into the solution a substance which 
is electrolytically inactive. The change in the concentration of 
the salt with respect to this reference substance gives the true 
transference number, and the relation between the true and 
“ Hittorf ” transference numbers is obtained from the equations, 

rig = hk + . . . (7^) 

and n* = tiA — CN^, . . . (73) 

where N,, indicates the electrolytic transference of water, per 
faraday, rig and rig, the true transference numbers, respectively, 
riK and the experimental Hittorf transference numbers, re- 
spectively, and the electrolyte concentration C is expressed in 
equivalents per mole of water. Washburn,* by means of trans- 
ference experiments in the presence of rafiinose, determined the 
true transference numbers for a series of electrolytes, and obtained 
for the kations the following values : — 

Electrolyte (1*3 normal) HCl CsCl KCl NaCI LiCl 

Values of ng 0-844 ^‘ 49 ^ ®‘ 49 S 0 * 3^3 0 * 3^4 

In these solutions the net water transference takes place from 
the anode to the kathode, and the relation between the number 
of water molecules carried by the kation and chloride ion, respec- 
tively, is given by the equations, 

Nw® — 0-28 zb 0*04 + 

= 0 67 zb 0*1 “b i* 03 Nw°- 
= 1*3 zb 0*2 4- i-ozN^®*. 

= 2-0 zb 0'2 + i*6iNw*^- 
Nw“ = 4*7 ± 0*4 + 2 - 29 Nw®. 

The number of water molecules transported by the chloride ion 
being three, the absolute hydration of the kations may be calcu- 
lated by means of these equations. 

Remy f used a diaphragm method to measure this water 
electrolytic transference. Originally he employed a gelatine 
diaphragm, but afterwards substituted one of parchment. His 

* your. Amer. Chem. Soc.^ 31 , 322 (1909). 
t Tram. Farad. Soe., 23 , 383 (1927). 
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results are given together with others in Table XXIX. which also 
includes the anion transference numbers, at infinite dilution, calcu- 
lated from Kohlrausch*s values of the ionic mobilities. 

TABLE XXIX. 

True Transference Numbers for Inorganic Electrolytes (Normal 

Aqueous Solutions). 


Electrolyte. 

Water 

Transference. 

Hittorf 

Transference 

Number. 

True 

Transference 

Number. 

Transference 

Number 

at 

InAnite 

Dilution. 

HC! 

•28 

•156 



>) 

•37 

156 

•*49 

•172 

LiCI 

J -5 

*739 

•711 1 


>» 

x -4 

•739 

*7*3 * 7 ** 

•662 

»> 

1*6 

•739 

•7*0 ) 


NaCI 

•81 

•637 

•622 



■82 

•637 

*622 


ft 

•85 

•637 

•621 !-•6I9 

•601 

ft 

1*0 

•637 

•619 


tt 

1*4 

•637 

•6n J 


KCI 

•60 

•514 

‘503 ] 


tt 

•57 

•514 

•503 1 -504 

■503 

ft 

•47 

* 5*4 

•505 ( 


1 1 

•47 

•514 

*505 1 


CsCl 

•36 

* 5*5 

*509 

•491 

NH*C 1 

*55 

* 5*4 

■504 1 .CO, 



•87 

■5*4 

•498 / 5 °‘ 

•500 


— -08 

•709 

•710 

*593 

iCaCl, 

— ’20 

•686 

•690 

•562 

iSrCl, 

— *97 

•686 

•704 

•562 

iBaCl, 

— 1-23 

•640 

•663 

*544 

HBr 

•61 

•164 

•*53 

**77 

NaBr 

2*2 

•642 

•601 

•608 

KBr 

•84 

*532 

•516 

* 5 ** 

iMgBr, 

.30 

•709 

•704 

•600 

iCaBr, 

— 17 

•684 

•687 

•570 

iSrBf} 

— -24 

•684 

•688 

*570 

-^BaBr. 

-•84 

•643 

*659 

•55* 

iMgl, 

— -67 

•670 

•682 

•578 

*CaI, 

— -92 

•637 

•654 

■566 

iSrI, 

— *75 

•636 

•650 

•566 


From these results we see that the true transference number for 
potassium chloride agrees with its value at infinite dilution. For 
other salts of the same type, the “ Hittorf transference numbers ” 
are greater than the true ones, and the latter, greater than those 
for infinitely dilute solutions. The true transference numbers 
for the halogen hydrides and for the halides of the alkaline earth 
metals, except magnesium bromide, differ more markedly among 
themselves than the experimentally determined numbers. 
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51 . True mobilities. — Since the Hittorf transference num- 
bers differ from the true transference numbers it is evident that 
in using equation (47) the true transference number should be 
employed where 

V = A, . . (74) 

U being termed the true mobility of the kation, in analogy to the 
true transference number. By combining equations (72), (73) and 
(74) » we obtain 

u = c; + CNw/i,-| 

V = r - CNw/l,/ ■ ■ ■ 


U and V being the uncorrected values of the mobilities or con- 
ductances. The true mobility of an ion is independent of the 
method of measurement, but its value is much influenced, as is 
that of the apparent mobility, by the nature of the ion with which 
it is associated. 

If we compare two electrolytes having a common ion, the 
“ non common ” ions being halogens, and determine the product 
of the mobility and the viscosity coefficient, ly, the values so 
obtained agree better among themselves when the true mobility 
values are used in the calculation, than when the values employed 
are those of the apparent mobilities. This is illustrated by the 
results shown in Table XXX.* 

TABLE XXX. 

Apparent and True Ionic Mobilities in Normal Solutions. 


Electrolyte. 


KCt 

NaCl 

KBr 

NaBr 

KCl 

NaCl 

BaCla 

CaCl, 

MgCl, 



983 

74*3 

100*6 

78*1 

983 

74*3 
70* 1 

67-5 

S 


x8“ C 
•01055 
*01x6 
•01031 
•01145 
20® c. 

‘010095 

•011225 

•013156 

■013320 

•013503 



Un- 


4954 

45*99 

51-9* 

4694 


49*54 

45*99 

46*48 

4658 

43*67 


533 

549 

552 

574 

510 

531 

590 

617 

■589 


U»|. 


*523 

*533 

•535 

■537 

•500 
•516 
'61 1 
•620 

•590 


52 . Moving boundary method of determining trans- 
ference numbers. — There is a second method available for 
measuring the transference numbers, the actual rate of motion 

• See Remy, Trans . Farad . Soc ., 23, 384 (1927). 
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of the ions being obse^ed as they move along, under the influence 
ot an applied potential difference. Lodge* who was the first 
directly to measure the movement of an ion, made the invisible 
ion indicate its presence by some characteristic physical or chemical 
property. A horizontal glass tube, connecting two vessels filled 
with dilute sulphuric acid, contained a solution of sodium chloride 
in solid agar-agar jelly. The latter eliminated disturbance in 
the solution, made alkaline by means of a trace of caustic soda, 
to bring out the red colour of a little phenol phthalein. When 
an electric current was passed through the tube, the hydrogen 
ions from the anode vessel of acid moved along the tube and 
decolorised the phenol phthalein. Lodge’s results gave an 
average value for the velocity of the hydrogen ion of 0 0026 cm. 
per second per volt-cm. 

In other experiments, the point at which two ions, travelling 
from opposite ends of the same tube, formed a precipitate, was 
considered to divide the tube in the ratio of the respective velocities 
of the two ions. Of the various values obtained, only that of the 
hydrogen ion was in agreement with those measured by Kohl- 
rausch, the difference being due to a faulty assumption regarding 
the distribution of potential in the circuit. 

Whetham f used a method which rendered the jelly un- 
necessary, as he avoided gravity, or convection, currents by em- 
ploying a vertical tube in which to observe the rate of movement 
of the boundary between coloured and colourless solutions during 
the passage of a current, the less dense solution lying above. 
He also avoided different and unknown potential gradients in 
different parts of the column by selecting, for each experiment, 
a pair of solutions of as nearly as possible equal specific resistances. 
In addition the solutions had one ion in common. 

In all of these experiments the definiteness and sharpness of 
the solution junction depends upon the relative conductivities of 
the solutions. The potential gradients within the solutions will 
be proportional to their specific resistances, and if one ion, say 
the anion, is common, the solution of higher resistance will be 
the one in which the kation has the lower relative velocity. Hence 
when a current is passed from the liquid of higher to that of 
lower specific resistance, any kation, which happens to move in 
front of the boundary, enters a region of smaller potential gradient, 
and is at once retarded, being brought back into line. Similarly, 
if a fast moving ion in the solution of lower specific resistance 
lags behind the moving boundary, it comes within the higher 

• B.A. Reports, 389 (1886). t Phil. Trans., A, 184 , 340 (1893). 
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potential gradient region and is at once accelerated. In this 
manner the boundary is maintained sharp and distinct, and there- 
fore, as pointed out by Kohlrausch * and Weber, f the necessary 
condition for the existence and permanency of a sharp boundary 
is that the specifically slower moving ion shall follow one of 
greater velocity. 

Masson J used a horizontal tube T, Fig. 17, filled with molten 
jelly which was allowed to set at experimental temperature, the 
jelly containing a known quantity per c.c. of salt, KCl, whose 
ionic velocities it was desired to measure. Suitable solutions, such 
as copper sulphate in the anode vessel A, and potassium chromate 
in B, were employed, and the visible moving boundaries marked 
not only the rates of advance of the foremost copper and chromate 
ions, but also those of the rearmost potassium and chloride ions. 



The latter themselves are invisible, but following immediately 
behind the coloured ions the latter may be taken as their indi- 
cators. The intermediate colourless part of the jelly is, at the 
start, of uniform composition, and remains so throughout the 
experiment, so that both the degree of ionisation of the potassium 
chloride, and the potential gradient within it, have constant values 
from start to finish in all parts of the colourless jelly. Therefore 
the rearmost potassium ions at one end, and the rearmost chloride 
ions at the other, are under similar conditions, and a comparison 
of their actual velocities, uk and made visible by the indicators, 

gives at once the ratio — for the particular concentration em- 

ployed. This result may also be put in the form of the Hittorf 

• Wied. Arm., 62 , 209 (1897). 

"f Sitz. Akad. Wiss. Berlin, 936 (1897). 

X Phil. Trans., A, 192 , 331 (1899). 
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transference ratio, ; . The observed values of the velocities 

are also those of the copper and chromate ions, but the experi- 
ment affords no indication that the potential gradients, under 
which these ions move, are the same. They are, in fact, very 
different. There is no intermingling of the ions at the blue 
and yellow boundaries, provided that the coloured ion is speci- 
fically slower moving than the one it follows. Imagine a naturally 
slow copper ion travelling behind a naturally faster potassium ion, 
with the chlorine ions travelling quickly in the opposite direction. 
If the copper ions lag behind the potassium ions, or the latter 
move away from the former, a region will be established where 
the kations are deficient, a state of affairs that must immediately 
correct itself by reason of the resulting potential gradient. If, 
on the other hand, they keep pace with one another, as in fact 
they do, it must be by virtue of a steeper potential slope in the 
blue. If now some ion accidentally lags behind its fellows, 
it will find itself in this region, and will be at once hurried forward 
again, while any Cu'^ ion trying to penetrate the “ potassium ” 
region will be forced to drop back. Masson’s results for sodium, 
potassium, and ammonium salts give smaller values for the anion 
transference numbers than the smallest value obtained by Hittorf. 

Denison and Steele * extended Masson’s method in two 
directions, first by substituting aqueous for gelatine solutions, and 
secondly, by observing the boundary between two colourless solu- 
tions which is visible on account of the difference in the refractive 
indices of the two solutions. The method compares the velocities 

of the anion and kation, and therefore determines the ratio — 

It also measures, in the case of salts like sodium chloride, the 
actual velocity Uk = olur, where Ur is the observed velocity and a 
the coefficient of ionisation. As kation indicators these experi- 
menters used, among others, normal solutions of the following 
salts, copper sulphate with a copper anode to minimise the 
formation of hydrogen ions, cadmium sulphate with cadmium 
anode, and potassium chloride containing dissolved potassium 
carbonate. The anion indicators included sodium acetate with 
acetic acid to minimise the formation of hydroxyl ions and po- 
tassium chromate with potassium bichromate. At frequent in- 
tervals the time, electric current, and distance traversed by the 
boundaries, were measured, and the ratio of the distances moved 


Phil. Trans., A, 205 , 449 (1906). 
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over by the two boundaries gave so that the value of 7; — - 

“k “T “k 

could be determined immediately. Table XXXI. gives the 


TABLE XXXI. 

Ionic Velocities by Moving Boundary Method. 


Salt. 

CoDccntratioD* 

Values of Ug *= ^ 

cms. per sec. 

Values of XXj^ s aU^ X zo^. 
cms. per sec. 

Koblrausch* 

Deoison and 
Steele* 

Koblrauscb. 

Denison and 
Steele. 

KCI 

o’OzN 

613 

6‘o6 

6*30 

6*24 


O’sN 

5'12 

553 

5*43 

529 


2‘oN 

4-66 

483 

4*94 

4*58 

NaCl 

0‘iN 

367 

3 67 

5*91 

5*91 


i-oN 

2’8s 

318 

4*85 

4'52 


2'ON 

2’50 

2'74 

4' 1 8 

3-95 

KBr 

o’oaN 

6'i I 

5*98 

6*29 

6*42 


O'sN 

5-42 

5-68 

5*53 

S’i6 


I'oN 

5'22 

5-42 

5-32 

4*84 


2*oN 

5-00 

5*38 

S'lo 

4-71 

BaCI, 

©•02N 

4‘66 

464 

605 

603 



3*10 

330 

4*94 

4-50 



2-64 

2*83 

4-65 

4'57 

CuSO« 


•82 

•80 

x-86 

i '55 


2*oN 

•58 

•55 

1*50 

j I'Si 


values of these observed velocities, calculated from Kohlrausch’s 
tables, and also those reduced from the authors’ measurements. 

The results show that the transference numbers for the simple 
alkali metal salts are practically independent of the concentration 
of the solution, but with other salts the general tendency is for 
the anion numbers to increase with concentration. In addition, 
Denison and Steele found that for a given dilution, the velocity 
of an ion depended upon the type of salt of which it formed a 
constituent, although with dilute solutions there was no such 
dependence. 

Lewis* used an apparatus shown in Fig. 18 which was similar 
to that employed by Denison and Steele. The tube C was 
calibrated for three volumes between marks a and a\ h and h\ 
c and c\ the tube B acting as a trap to prevent the concentrated 
solution of lithium chloride, used in A, from reaching the measur- 
ing tube C. E and E were electrodes, and the glass rod R had 
a circular flat enlargement G tipped at its lower end with a cir- 


Jour. Amer. Chem. Soc., 32 , 862 (19x0). 
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cular disc of rubber. D and C were filled with potassium chloride 
solution » and after some ^ 

lithium chloride solution dk =11= ) 

had been placed in the space R j J C 

above C and in the tube B, \J|| T7 

R was raised so that the 

boundary started moving J = c 

down the tube. As the 
boundary' passed each of 

the upper marks on the /r\ 

tube C, a voltameter was J f ] 

connected in the circuit, and ^ 

as the boundary crossed each lin] n 

of the lower marks, the cor- J ^ 

responding voltameter was i ^ 

disconnected from the cir- I I 

cuit. In this way three ^1 I 

independent measurements / I \ \>^ J / \\ 

were obtained. The method (Efft ) ( RIct 

of calculating the transfer- \Uijy 

ence number is as follows . Fic. i8. — Apparatus for measuring trans- 
Eet UK be the actual ference numbers by the moving 

velocity with which the boundary method. (Lewis.) 

kation moves along and uk its velocity under unit potential 


gradient. Then, 


UK = UK 


(iR 

dr 


dR 

where is the potential gradient. Now the current, i, through 
the tube C (Fig. i8) is given by 

i = (UK + . CAF . io-> = <7^^, 

cil al 

where C is the concentration in gram equivalents per litre, Ay 
the cross-sectional area in sq. cm. of the tube C and F, the 
faraday, c, the specific conductance, being equal to 

{uk + ua)CF . io“®. 
rr,, UK a A loA 


Then, 


UK — 


I being the distance traversed by the boundary in a time t. 


Since 


/ dR tirA dR 
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and 


dK 

dl 


ctA ' 


A = 


lOOOcr 


nK = 


uk'CFA ICFA 


lOOOt 


loooti 


vF 


where v is the volume passed through by the boundary, % the 
volume of solution which contains one gram-equivalent of the 
salt, and Q the number of coulombs of electricity passing during 
the experiment. 

I.ewis has pointed out that it is necessary to correct the values, 
obtained for the transference numbers by the moving boundary 
method, for the flow of solution through the apparatus, caused 
by the volume changes occurring at the electrodes. He proves 
that 

= riA ~ Chv, .... (76) 

where ha is the number obtained by the moving boundary experi- 
ment and ha^ that by the ordinary Hittorf method, hv being the 
volume changes produced when one faraday passes. The cor- 
rections for normal solutions of potassium chloride and of sodium 
chloride are 0*005 and 0*013, respectively. It is evident from 
equation (76) that as hv is nearly independent of concentration, 
the agreement between the transference numbers obtained by 
the “ Hittorf ” and moving boundary methods becomes closer 
as the dilution increases. This was verified by Denison and 
Steele. 

Allowing for the correction hv^ 


nK 




The moving boundary method only gives accurate results 
when 

nK nK * 

where C and ur refer to the solution under observation, and C', wjr' 
are the corresponding values for the indicator solution. Kohl- 
rausch * quoted this relationship as a necessary condition for a 
stable moving boundary. The condition represented by this 
equation will be established automatically, if not present at the 
outset, so that the initial concentration of the indicator solution 
is of little importance. The correct value of tik can be obtained 
from a series of experiments in which the conditions approach 


Ann. d. Pkys.^ 62 , 209 ( 1897 ). 
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more and more closely to tho5e demanded by Kohlrausch's rela- 
tionship. If this adjustment is not made, the values are not 
entirely independent of the concentration of the indicator solu- 
tion, or of the electric current through the apparatus. They 
may differ widely and erratically from the true values. 

Table XXXII, gives a comparison of the kation transference 
numbers at 18® C, derived from the three methods, namely, gravi- 
metric (G.), the moving boundary (M.B.), and conductance. It 
will be noted that the values obtained by means of the first two 
methods are concordant to within i per cent, for hydrochloric, nitric 
and sulphuric acids, potassium and ammonium chlorides, and for 
potassium sulphate. The values determined by the conductance 
method are about i to 3 per cent, higher than those calculated 
from the moving boundary^ experiments. 

TABLE XXXII. 


Transference Numbers Determined by Different Methods. 


ft 

Transference Numbers at Concentrations 










0 

0*005 N. 

0'02 N. 

0-05 N. 

0*10 N. 

0*20 N. 

Method. 


Conduct- 








ance 








method. 

1 

1 

1 






NaCI 

'399 

•396 

•396 

•395 

•393 

•390 

G. 




— 

•386 

•383 

— 

M.B. 

KCl 

*496 

•496 

•496 

•496 

•495 

•494 

G. 




•493 

— 

•492 


M.B. 

NH4CI 

•497 

— 

•492 

•492 

— 


G. 



...» 

•492 

1 1 

1 

•489 

1 

M.B. 

NaBr 

■391 

•395 

•395 

1 



G. 


— 



•381 

•376 


M.B. 

KBr 

•488 

— 

*495 

— 



G. 



— 

*482 


•481 


M.B. 

HCl 

•828 

-832 

•833 

•834 

•835 

•837 

G. 




•83s 


'835 

1 

M.B. 

CaCl, 

•442 

•438 

'422 

•41 1 

*402 

•393 

G. 

tl 



' 4*3 


•398 


M.B. 

HNOa 

•836 

'839 

-841 

•844 



G. 




•846 


•855 

— 

M.B. 

KjSO* 

•48s 


•492 

•490 



G. 

1 1 



•488 


■485 


M.B. 

HjSO, i 

*821 

— 

•824 

'824 

'824 

•822 

G. 

1 

P P 1 

1 

1 



•833 


•828 


M.B. 


It is possible to calculate the transference numbers, in cases 
where reliable experimental data are not available, in the following 
manner * : — 


See Remy, Trans. Farad. Soc., 23 , 381 (1927). 
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Since 

V = n^{U + V) = tiaA, 

if we consider solutions of two electrolytes having a common 
kation, but chloride and bromide anions, respectively, 

^bromide ~ ^ Br~ -^chloride solution 

^chloride" I^C1“ -^bromide solution 

From Kohlrausch’s table of ionic mobilities we have, at i8® C., 
the following ratios : — 




Vi- 

Conceotration 


^a- 

vcr 

o-oooiN 

1*032 

I'OI I 

o'ooiN 

I 033 

1*0x4 

o*oiN 

1*036 

1*019 

o*iN 

I 054 

I 054 


Accepting the value i’054 as approximately correct for the ratio 
of the apparent mobility of the iodide to the chloride ion in 
normal solutions, and calculating the transference numbers of 
the iodides of the alkaline earth metals from those of the chlorides 
by means of equation (77), we have the following values for the 
iodide in different electrolytes : — 

«Bai, = o*6ii ; «cai, = 0-646 ; «Mgi, = 0-670, 

whereas the experimental values are, 

= 0-609 Hr.*002 ; ncai, = 0-637 ±*002 I ^Mgi, == 0*670 ±'003, 

respectively. The agreement is thus very good. In a similar 
manner the calculated values for the bromides are as follows : — 

Salt HBr NaBr KBr ^MgBrg ^CaBrj JSrBrg JBaBfg 

tiA 0-164 0*642 0*532 0-709 0*684 0*684 0*643 

53. Transference numbers in non-aqueous solvents. — 

Many determinations of transference numbers in non-aqueous 
solvents have been made, but the experimental difficulties do not 
permit of accurate results, so that there is a lack of agreement 
in the values obtained by different observers. The relative 
velocities of most ions are practically the same in many solvents, 
but, as would be expected, the absolute velocities are quite 
different. Since by Walden’s rule ')7oI^o is constant and inde- 
pendent of the solvent, where tiq is the viscosity of the solvent, 
and Uq the mobility of an ion at infinite dilution, and if we 
assume Stokes’s law to apply to the motion of the ions through 

solutions, i.e,y ua^ oc — , it follows that ^ - should be inde- 

Vo Ua^ 
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pendent of the nature of the solvent, where and are the 
velocities of the anion and kation, respectively, at infinite dilution. 
This relationship will not be true, however, if the ions are hvdrated 
or associated to different degrees. It is evident, therefore, that 
the transference numbers in solvents may be calculated by means 
of Walden’s rule. Thus, in methyl alcohol, the mean value 
found by Nonhebel and Hartley * for hydrochloric acid is 
== 0735 ± ' 005 . 3nd Harned and Fleysher,f using solutions 
of the acid in ethyl alcohol, obtained the values 0-738 and 0 752, 
for the hydrogen transference number. Calculating J by means 
of W^alden’s rule, the numbers for hydrochloric acid in these two 
solvents are — 0-733 0*742, respectively. Thus there is 

close agreement between the values obtained by these different 
methods. 


54. Transference numbers in mixed solutions. — 

Mackay § measured the transference numbers for the chloride 
and sulphate ions in mixtures of potassium chloride and potassium 
sulphate, each of concentration 0-2009 normal. The transference 
number for the chloride ion in the mixture at 18® C. was found 
to be 0-289 i *001. The values for the sulphate ion were dis- 
cordant (0-197 — 0-2217). Assuming that the relative mobilities 
of the Cl~ and ions are the same as in dilute potassium chloride 
solutions, the proportion of the current carried by the ions of 
potassium chloride in the mixture is 0-573, ^nd by the ions of 
potassium sulphate, 0-3652, giving 0-02003 for the partial specific 
conductivity of potassium chloride in the mixture, and 0-01559 
for the potassium sulphate. 

The partial specific conductance of the potassium chloride thus 
determined is 2 per cent, greater, and that of the potassium 
sulphate 5-2 per cent, smaller, than the respective values calcu- 
lated on the principle that each salt in the mixture has a degree 
of ionisation equal to that which it has when present alone in 
a solution, in which its ions have a concentration equivalent to 
that of the common ion in the mixture, the degree of ionisation 

A 

being taken equal to the ratio -j — . In mixtures of potassium 

chloride and potassium sulphate, the transference numbers wcr 
and W8O4— are given by 

_ ^ci~ - 

^cr^cr + C'so,— • F'so, h 


• Phil. Mag., 50 , 729 (1925). 
f your. Amer. Chem. Soc., 47 , 92 (1925). 
i See Ulich, Trans. Farad. Soc., 23 , 389 (1927). 
^Jour. Amer. Chem. Soc., 33 , 308 (1911). 
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-_j „ oso«— ♦ y 304— 

CcrE^cr+ Cgo,— h Cs+Ux+* 

where Ca-, etc.y represent equivalent concentrations and Fcr> 
the mobilitiis. 

55 . Importance of transference numbers. — According 
to the theory of complete dissociation we should expect that the 
conductance contributed in a o*i normal solution by the chloride 
ion would be nearly, if not quite, the same whether this ion was 
associated with hydrogen or with potassium ions, since the chloride 
ionic concentration is, according to this theory, the same in these 
two solutions. On the other hand, the Arrenhius theory requires 
a dissociation of 92-5 per cent, and 86-o per cent, for the hydro- 
chloric acid and potassium chloride solutions, respectively, and 
thus the contribution of the chloride ion to the conductance of 
the solution would be different, since the chloride-ion concentra- 
tions are not the same. As the conductance arising from the 
presence of the chloride ion in these solutions is equal to 
where «ci- is the transference number of the chloride ion, and A 
is the equivalent conductance, it is evident that accurate trans- 
ference numbers are of importance in deciding between the two 
theories. Macinnes and Smith * have made accurate determina- 
tions of the transference numbers for three chlorides in solutions 
of concentration o-i normal at 25® C. Their results were as 
follows : — 


Solution. 

Equivalent Conductance (A)* 

Transference Number 

A/iq- 

HCl 

390-4 

0*1680 

6559 

KCl 

129*0 

0*5080 

6 S'S 3 

NaCI 

106*8 

0*6137 

6554 


From these results it is inferred that the chloride ion contributes 
the same amount to the equivalent conductance in all these solu- 
tions, but although the figures prove that these chlorides have 
the same degree of dissociation, they do not prove that the dis- 
sociation is complete. Macinnes and Cowperthwaite f point 
out, however, that it is highly probable these substance's are 
completely dissociated, since no properties, differing from those 
of the ions, have so far been assigned to the undissociated portion 
of strong electrolytes, although the theory of Arrhenius calls for 
the presence of considerable amounts of the electrolyte not in 
the ionic form. These experimenters have shown that if the 
chlorides are completely dissociated, then nitric acid and ammo- 

* your. Amer. Chem. Soc.^ 45 , 2246 (1923) ; 47 , 1009 (1925). 

•f* Trans. Farad. Soc., 23 , 400 (1927). 
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nium nitrate must also be completely ionised. This conclusion 
is evident from the following tables : — 


Mobility of thb H+ ion in o i Normal Solutions of HCl and HNOj 

AT 25® C. 


Substance. 

Equi\*alcnt 
Conductance A. 

Transference 

Number 


HNO, 

3850 

0*8441 

325-0 

HCl 

3904 

0*8320 

-324-8 

Mobility of the 

NH4+ ION IN O* 
AND NH4NO 

10 Normal Solutions of NH4CI 

3 AT 25' C. 

Substance. 

Equivalent 

Transference 

A 

Conductance A. 

Number 

^«NH, + * 

NH4N0, i 

1230 

05130 

631 

NH*C 1 

128*6 

0*4900 

630 


It will be observed that the product of the equivalent conduc- 
tance and transference number is the same for the hydrogen 
ions, whether they are associated with nitrate or chloride ions. 
The same remark applies to the ammonium ions, and therefore 
the degrees of dissociation of the electrolytes are similar. 

56. Absolute velocity of the ions. — If we consider the 
history of a single atom or ion, and average it over a long time, 
we may look upon a, the degree of ionisation, as measuring the 
fraction of all the time during which the atom is in an ionised 
condition, and it is obvious that this fraction must be the same 
as that obtained by averaging over all the molecules at a given 
instant. But an ion only travels under the influence of the 
electric field when it is free, for if it combines with an oppositely 
charged ion, it becomes neutral, and there is no electric force 
acting upon it, or rather, there are two equal and opposite forces. 
If, then, the ion when it is free, travels at the average speed 
it is only free for the fraction a of the whole time, and its velocity 
averaged over the whole time, whether free or not, is aw. In 
this way we obtain a conception that may be defined as the effective 
velocity. It may be regarded, either as the average velocity of 
a single ion over a long period of time, intervals of rest included, 
or as the average velocity of all the ions including those which 
are, for the time being, combined. 

It is evident that the absolute ionic velocity can be determined 
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by means of nvo distinct methods termed, respectively, the direct 
and the indirect methods. The latter was evolved by Kohlrausch 
on his recognition that the ions migrated independently. Thus 
we have from equations (42) and (47), 

UK p y 

where and are now measured at infinite dilution, together 
with a similar expression for the velocity, of the anion at 
infinite dilution, so that the individual values of ^^id Wk can 
be calculated, if the equivalent conductance of the solution and 
the transference numbers, both at infinite dilution, are known ; 
but as pointed out previously, the transference numbers vary 
with the concentration of the solution, and must be determined 
experimentally at some definite concentration. Although the 
theory of Hittorf’s method of determining the transference 
number assumes that the difference produced in the concentra- 
tions around the electrodes is, in general, due entirely to the 
different ionic velocities, the action of complex ions must be 
taken into account, and therefore the true values of ha and rtK for 
the various anions and kations are not known with any great 
degree of accuracy. Thus, the calculated values of the velocities 
may differ from those experimentally determined by means of the 
direct or moving boundary method, and this difference will be 
more marked in solutions such as magnesium sulphate, which 
contain complex ions, than in solutions of potassium chloride 
and other similar salts. Since the number of complex ions depends 
upon the solution concentration, the transference numbers cannot 


TABLE XXXIII. 

Comparison of Ionic Velocities by the Direct and Indirect Methods 



Velocity of loo in Cm. /Sec. per Volt/Cm. x lo*. 


CoDceotration of 
Solution in Gram 
Equivalents per Litre. 


H"*" in chlorides 
in acetates 
in chlorides 
iBa++ 
iCa++ 

Ag+ 

iso,- 

ICr.O,” 



0*07 



Observ’ed. 


26*0 

•6s 

3*1 

39 

3S 

4*9 

4*5 

4*7 


Calculated from 
Kohlrauscb’s Data. 


28*0 

J48 

3*7 

2'9 

4-6 

4*9 

4*7 
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be estimated at infinite dilution unless the solution is so dilute 
that complex ions are absent. 

In the absence of complex ions the velocities, as measured by 
the direct method, are equal to and ai/^, where a is the degree 
of ionisation, and and uj;^ the true ionic velocities at the 
concentration employed in the measurements. A comparison 
betweeri the velocities of several ions, determined by the direct 
and indirect methods, is given in Table XXXIII.* 


57 . Dimensions of ions. — Assuming that at infinite dilution 
the motion of an ion through a solvent obeys Stokes’s law, the 
radius, 6, of an ion can be calculated from the equation. 



Force 

67Tr)u * 



where the force refers to that acting upon unit charge — 
1*59 X 10-20 electromagnetic units — due to unit potential 
gradient, i volt per cm. = lo® absolute units, rj is the coefficient 
of viscosity of the solvent, and u the velocity, in cms. per second, 
developed under this potential gradient. If, instead of w, we 
use the mobility, C/, then, 



8-15 X io~® 

^17 


cm. 



It is important to note that the radius calculated is that of the ion 
and its associated solvent molecules, t.e.y those molecules which 
behave as if rigidly attached to the ion, and which move with it. 
Hartley and Raikes f have determined the radii of ions, both in 
water and in methyl alcohol, from the mobilities at 25° C, by 
means of equation (79). Their results, together with the effective 
ionic radii in the crystal lattice, are given in Table XXXIV. 

The ions of the alkali metals and of the halogens, which have 
the largest radii in the crystal lattice, also have the highest 
mobilities, while all the ions of the divalent metals possess, 
approximately, the same mobilities, in spite of a considerable 
increase in size with atomic number. This is usually explained 
by assuming that the ions are solvated, and that the degree of 
solvation of the small ions is greater on account of the more intense 
electric field around them, their mobilities being correspondingly 
reduced. 

As pointed out by Hartley and Raikes, the radii of all ions 
in methyl alcohol are greater than in water, the increase in 


• Whetham, loc. at. 
f Trans. Farad Soe.^ 23 , 393 (1927). 



126 


ELECTROLYTIC CONDUCTION 


TABLE XXXIV. 

Ionic Radius (Angstrom Units). 


loa. 

In 

Water* 

' Id Methyl 
Alcohol. 

Crystal 

Lattice. 

Ion. 

4 

In 

Water. 

In Methvl 
Alcohol. 

Crystal 

Lattice. 

Li+ 

2*30 

3*78 

0*72 

iSr-'- *- 

3 04 

5‘o6 

1*20 

Na+ 

1-79 

327 

1*01 

iBa+ <■ 

283 

493 

1*40 

K+ 

1*22 

2-78 

1-30 

iZn++ 

336 

5*02 

0'6o 

Rb+ 


2*60 

I -50 

iCd+-^ 

338 

5’2I 

0*98 

Cs+ 


2*40 

1-75 

F- 

1-67 

3.72 

1*33 

Ag+ 

1-44 

2 86 

I 03 

ci- 

l'2t 

2-91 

1*72 

4Mg++ 

3'44 

5*10 

0-75 

Br- 

i-i8 

2*69 

1*92 

iCa+-'- 

305 

498 

1-02 

I- 

I *20 

2-45 

219 


apparent size being due, presumably, either to the larger solvent 
molecules, or to the greater number attached to the ion, the 
increase being more marked for the univalent than for the divalent 
ions. The influence of the ionic charge on the degree of solvation 
is shown by the fact that in both solvents all the divalent ions 
have the largest radii, although the radii in the crystal lattice 
vary. The silver ion, which is smaller than the rubidium and 
caesium ions in the lattice, has a lower mobility in both solvents, 
while the thallium ion, which is larger than the silver ion in the 
lattice, is also faster, having, approximately, the same mobility 
as rubidium and caesium ions. 

Let Ba and Bk denote the radii of the anion and kation, 
respectively, at infinite dilution, and the equivalent conduct- 
ance of the solution under the same conditions, then from 
equation (79), 

. 8t 5 X lO"®/ I , I \ 

= + 

If Aq is known, the value of the harmonic mean of the ionic radii 
can be calculated, and compared with that determined by means 
of Debye and Huckel’s formula.* Hartley and Bell f deduced 
these values for potassium, sodium and tetraethylammonium 
iodides in various solvents and the results which they obtained 
are given in Table XXXV. Although the numbers do not show 
any well-defined regularity, it is evident that the values of 6, the 
harmonic mean of the radii, as calculated from Stokes’s law, 
rarely differ from one another by more than a factor of two, whereas 
the values calculated with the help of Debye and Huckel’s equation 


• See section (146). 


f Trans. Farad, Soc.t 23 , 399 (1927). 
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show much larger variation. One interesting feature is the differ- 
ence in behaviour of sodium and potassium iodides in pyridine. 

TABLE XXXV. 


Radii^(Harmonic Mean) of Ions in Solvents. 


Solvent. 

Potassium Iodide. 

1 

Sodium Iodide. 

Tetraethylanunouium 

Jc^idc. 

b X lo® 
(Debye), 

6 X xo* 
(Stokes). 

6 X 10* 
(Debye). 

b X 10^ 
(Stokes). 

b X 10' 

(Ddbye). 

b X lo® 
(Stokes), 


Cm. 

Cxn. 

Cm. 

Cm. 

Cm. 

Cm. 

Water 

O’S 

1-19 

— 


2*10 

165 

Methyl alcohol . 

1*19 

2-55 



I 69 

2*48 

Ethyl alcohol 

3^6 

Zi)Z 

3 69 

3 07 

3-88 

2*87 

Propyl alcohol 



4-67 

3*30 



Ammonia . 

1-48 

I 84 

346 

2*05 



Acetone 

465 

2*84 

4'22 

2-86 

6*55 

2*47 

Isoamyl alcohol . 

3fo 

445 

24*6 

4-60 



Sulphur dioxide 

12‘6 

f65 





Pyridine . 

I4’5 

2*48 

447 

2-62 




In general, we assume that an ion can be represented by an 
electrical charge, distributed with spherical symmetry within a 
sphere of radius A, and with respect to interionic collisions it 
may be regarded as a rigid sphere. If we denote by the nearest 
distance of approach of another ionic centre, then, as Scatchard * 
has pointed out, b and b^ are not necessarily equal. Except 
for acids 60 is always greater than 6, and in most cases it is two or 
three times greater. 

Martin f has calculated the ionic radius of various ions in 
benzonitrile, at 25® C., and compared his results with those ob- 
tained from Debye and HuckeFs formula. The values agree, 
but are somewhat larger than those of the same ions in water and 
in methyl alcohol. 

58 . Complex ions. — The changes in concentration which 
take place in a solution near the electrodes when an electric 
current is passing, are, in some cases, very marked, and although 
the transference numbers of anions and kations should lie between 
zero and unity, we find that in some cases this is not so. Jahn,I 
working with aqueous solutions of cadmium iodide, found that 
the transference number of the kation was practically constant 
for concentrations between o’oo5 and 0*2 normal, while for higher 

• Trans. Farad. Soc., 23 , 455 (1927). 

■fyour. Chem. Soc., 132 , 3270 (1928). 
j Zeits. phys. Chem., 37 , 673 (1901). 
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concentrations the value diminished, and at 0*5 normal it was 
negative ; in other words, the cadmium ion apparently reverses 
the direction of its movement and now goes to the anode. 
It is necessarv to assume that unaltered salt is attached to one of 
the ions, forming what is known as a complex ion, such as CdU . 
The movement of such complex ions carries more cadmium 
towards the anode than is simultaneously transported by the 
cadmium ions proper towards the kathode. McBain,* after taking 
into account all the data of conductance, freezing-point and trans- 
ference measurements, concluded that in a o*i normal aqueous 
solution about 80 per cent, of the molecules were undissociated 
cadmium iodide molecules, and that approximately half of the 
number of anions were in the form Cdlg". Such solutions of 
cadmium iodide are poor conductors, the undissociated molecules 
uniting with the iodide ions to form the complex anions. 

This is by no means an isolated example, most divalent ions 
taking part, to a certain extent, in such phenomena as those 
exhibited by the iodides. If a sufficient quantity of anion is 
added to a weak solution containing a divalent ion, the latter 
forms a complex anion, and we have the striking and significant 
result that the usual movement of the kation towards the kathode 
is apparently suppressed, or even reversed. 

Onsager f has shown that bivalent binary electrolytes in water, 
particularly magnesium and cadmium sulphates, do^ not support 
his formula for the relationship between conductivity and con- 
centration, and the same is true for solutions of nitrates in methyl 
alcohol. This lack of co-ordination is attributed to the presence 
of complex ions. 

The sulphide ion reacts with excess of sulphur, forming a 
complex ion % which is comparable with the complex iodide ion. 
and in concentrated aqueous solutions of the alkali selenides and 
tellurides the metallic ions form complex anions.§ Ions, similar 
in character to the complex sulphide and iodide ions, are also 
present in lead and antimony solutions. || 

When a solution of potassium cuprocyanide is electrolysed, 
the concentration of the copper ions near the anode increases, 
the copper forming part of a complex negative ion. By means 
of transference measurements with ammoniacal copper sulphate 
solutions and silver chloride, Reychler ^ has shown that the 

• Zeits. Elektroc., 11 , 222 (igos)- t Phys. Zeits., 28 , 277 (* 927 )- 

X KQster, Zeits. anorg. Chem., 43 , 53 (1905) ; 43 * .... aq 

fTibballs, your. Amer, Chem. Soc., 31 , 902 (1909), and Kraus, ibtd., 

*SS 7 (*907)- 

II Peck, ibid., 40 , 335 (1918). 
q Bull. soc. chim. belg., 28 , 215, 227 (1914). 
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migration of each copper ion to the kathode is associated with the 
transport of four molecules of ammonia in the same direction 
and that the complex kation Ag(NH3)2^ is transported as such. 

McBain and Rysselberge * found that most of the divalent 
salts contained complex ions to some extent. For example, 
in a 0*05 normal solution of magnesium chloride, to which a 
sufficient concentration of chlorine ions had been added, the 
magnesium went to the anode just like cadmium, and probably 
for the same reason. These authors observed the migration of 
cadmium, magnesium, lithium, potassium and calcium ions in 
0*05 normal solutions of one of their salts containing at least 
one type of divalent ion, adding in each case a sulphate or chloride 
solution of strength 0-95 normal. From the distribution of the 
electric current between the two salts, calculated from the known 
conductance data, an approximate value of the transference number 
was obtained, and it was found that the movement of the ions was 
such that in the majority of cases more of the metal was being 
carried to the anode than was migrating, as simple ion, to the 
kathode. 

Whetham,'!' when measuring the ionic velocities by the direct 
method, found that with concentrated alcoholic cobalt solutions 
more than one boundary line appeared, and that the direction of 
motion of some of these lines was occasionally reversed. These 
results can only be explained by assuming the existence of complex 
ions, unaltered salt being attached to one or other of the simple ions. 

Schreiner J has suggested that a complex is formed between 
a water molecule and a hydrogen ion, resulting in a complex 
ion HgO^, known as oxonium. Various facts support this view. 
For example, an alcoholic solution of hydrochloric acid is a good 
conductor of electricity, but in acetone the acid gives a solution 
of low conductance. This difference in behaviour is difficult to 
explain, unless it is assumed that the oxonium ion is formed. 
Again, the addition of water to alcoholic solutions of the strong 
acids decreases the conductivity of the solution, but the addition 
of water to solutions of weak acids increases it, from which it may 
he inferred that oxonium is formed in the first case, the velocity of 
this ion being less than that of the normal hydrogen ion in alcohol. 

Bruns § and Thonnessen |; observed that the addition of iodine 
increased the conductance of aqueous solutions of cadmium 

* Jour . Amer . Chem . Soc ., 50 , 3009 (1028). 
t PM. Tram., A, 184 , 337 (1893) ; 136,507(1895). 

X Zeits . anorg . Chem ., 121 , 321 (1922) ; 135 , 333 (1924)- 
IZeits . f . Pkys ., 34 , 751 (1925)- 
!1 Ibid ., 41 , 810 (1927)- 
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iodide and of alcoholic solutions of cadmium, potassium and mer- 
curic iodides. This increase seems to be brought about by the 
breaking down of the complexes present in the solutions. Sodium 
iodide does not form complex ions in acetone, or in mixtures of 
the alcohols with acetone, but lithium bromide does give rise to 
complexes when dissolved in acetone, although they are broken 
up on the addition of alcohol. 

Nies * found that the addition of iodine increased the con- 
ductance of sodium iodide in mixtures of acetone and methyl 
alcohol, the effect diminishing as more alcohol was added. With 
solutions of potassium iodide and lithium chloride in pure alcohol, 
the addition of iodine increases the conductance only when the 
solutions are concentrated ; in dilute solutions the effect, especi- 
ally of much iodine, is in the opposite direction. The iodine breaks 
up complexes and simple molecules, and unites not only with the 
iodine of the iodides, but also with the other halogens, forming 
complexes like Cl — 12. 

In connection with the formation of complex ions, it is in- 
teresting to examine whether the ions in solution approach as 
closely to each other as they do in gaseous molecules or in 
crystals, i.e.^ is the distance separating oppositely charged ions 
so small that there is no molecule of the solvent between them ? 
Hiickel f calculated the value of the smallest distance to which 
the ions in solution can approach each other. The alkali chlorides 
showed the following sequence : — 

Li+ > Na" > K+ > Cs+. 

which is exactly the reverse of that to be expected on the basis 
of the distances that the ions are separated in the crystal lattice. 
These oppositely directed sequences of the ionic radii in solution 
and in the crystal, respectively, can only be explained by supposing 
that, since the lithium ion certainly holds the water more strongly 
than the caesium ion, water molecules still intervene between the 
oppositely charged ions, even when the ions in solution approach 
each other as closely as possible. Fajans % suggested, however, 
that direct contact of the ions, without intervening water mole- 
cules, exists, and he concluded that a certain proportion of the 
ions in the case of lithium chloride, for example, approach within 
a distance from each other which is distinctly less than the actual 
mean interionic distance — 5*52 x io~® cm. When the ions are 
separated by this mean distance, there is only room for one water 

• Zeits. phys. Chem., 138 , 447 ( 1928 ). 

+ Erg, exakt. Naturvdss., 3 , 221 ( 1924 ). 

4 Trans. Farad. Soc.^ 23 , 365 ( 1927 ), 
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molecule between them, and these close approaches probably 
involve direct contact of the two ions. Whether these intimate 
approaches of the ions to each other involve the formation of 
neutral undissociated molecules, or of complex ions, is not known 
with any degree of certainty. 
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CHAPTER V. 

HOMOGENEOUS IONIC EQUILIBRIA. 

59 . Equilibria of mixed electrolytes. — We have already 
discussed the equilibrium conditions existing between the ions 
and undissociated molecules within an electrolytic solution, and 
we have seen that if [M^], [X“], [MX] represent the concen- 
trations of the kations, anions and undissociated molecules, 
respectively, in the solution of an electrolyte, represented by 
MX, then from equation (49), 

3 = a:. . . (81) 

If, now, another electrolytic solution is added to the first 
one, there will be, as a rule, a change in the degree of ionisation 
in each electrolyte. This fact may be illustrated by considering 
what happens when two simple electrolytes, MX and MXj, con- 
taining one ion in common, are mixed together. The addition 
of MX, increases the concentration of the M+ ions, and since 
the equilibrium constant K does not depend upon ionic con- 
centration, other processes must occur which, in effect, decrease 
the numerator of the left-hand side of equation (81) and increase 
its denominator, until K is restored to its original value. In other 
words, undissociated molecules of MX must re-form and a similar 
change must occur in the other electrolyte. Thus, on mixing 
two electrolytic solutions containing a common ion, the degree 
of ionisation of each electrolyte is lowered. 

Under certain conditions, however, no such change occurs, 
and the solutions may be mixed without thereby affecting the 
number or nature of the ions, or the mean conductivity. Any two 
solutions which fulfil these conditions are known as isohydric 
solutionSy* and we may investigate the relationships that must 
exist between such solutions in the following manner : — 

Let a, and ag, C, and Cg, and K2 be the degrees of 
ionisation, concentrations and equilibrium constants, respectively, 

• See Arrhenius, Wied. Ann., 30 , 51 (1887) ; Zeits. p^s. Chem., 2 , zS^ (1888). 
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of the two isohydric solutions. Before mixing, we have from 
equation (49), 


_ TT 

\ — ^1 

(I — a,) 

which may be written thus, 

-K • 

(l — (X.^)Vi 


(i - as) 


= A's, 


(l — 


= K,, 


(82) 


where Ci = -- and Cg = — . If the solutions contain a common 

V2 

ion, and after mixing the degrees of ionisation remain unchanged, 
then the total molecular volume * becomes and the 

number of common ions therein is -|- ag. Since the number 
of the ions, which are not common to the solutions, remains 
unchanged, we have from the mass action law, 


(«i + «2)a, ^ ^ 

(i — 4- iJg) 

and from equations (82) and (83), 

(«i + ^ 

ai(tyi + Vi) 


(83) 


t,e.y 


= _£ or 
v» 


ag 

c/ 


(84) 

(85) 


Since -i and — are the respective concentrations of the common 


Vj Vi 


ion in the two isohydric solutions, it follows that, if these con- 
centrations are equal, no change takes place in the degree of 
ionisation of either solution when they are mixed. Now weak 
electrolytes are very slightly ionised, and since in a mixture 
of weak electrolytes the ionisation fraction is still further 
reduced, we may put i — ai=i — a2=i, and therefore, from 
equation (82), 

v.^Vi Ki 

<n^Vi Ki 

Utilising equation (85) we have 

- = ^ = w 

Vi Cj Ki ' ' 

Thus two solutions of weak electrolytes are isohydric if the ratio 
of their concentrations before mixing is equal to the inverse ratio 
of their equilibrium constants. 

• The molecular volume is that volume containing one mole of substance. 
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60. The conductivity of mixed electrol 5 rtes. — ^The 
conductance of solutions of weak acids depends chiefly upon the 
mobility of the hydrogen ions, from which it follows that the 
specific conductance of isohydric solutions containing the same 
hydrogen-ion concentration will be equal, and the same as that 
of a mixture of the solutions. In obtaining this result we assume 
that the anion conductance is so small that it can be neglected, 
but if it is necessary to take it into account, we may calculate the 
specific conductance of such a mixture in the following manner : — 
Let <7i, ag, be the specific conductances of the two isohydric 
solutions before mixing, v* and v" the volumes which are mixed. 
Then the first solution in the mixture has a specific conductance 
equal to where 



tTjz; 

v' -h V' 


f 


and similarly for the second solution. 



v' + 


I 


so that the total specific conductance, being the sum of the in- 
dividual specific conductances, is given by 

, , 4- 

• 


Thus if v' = the specific conductance of the resulting mixture 
is the average of the specific conductances of the original solu- 
tions. Although this principle has been applied to mixtures 
of weak acids, it holds even for solutions which do not conform 
to Ostwald’s law, such as strong electrolytes, and it appears that 
the isohydric principle can also be applied in these cases. In 
fact it has been used extensively to calculate the conductances 
of mixed strong electrolytes. Ruby and Kawai * found, how- 
ever, that it did not apply to mixtures of aqueous solutions of 
hydrochloric acid, and potassium and sodium chlorides. They 
computed the apparent equivalent conductances of the mixtures 
at any given total concentration by means of the formula. 


A = xA' yA" -\-(i -X- y)A''\ 


where A\ A'\ A'" are the equivalent conductances of the pure 
electrolytes in solutions of concentrations equal to the total electro- 
lyte concentration of the mixture, and x^y and (i — x — y) are the 


your. Amer. Chem. Soe., 48 , 1119 (1926). 
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mole fractions of the electrolytes present. Their results, cal- 
culated from this formula, agree well with the experimental 
values at low concentrations. 

The isohydric principle may be used to elucidate the inter- 
actions which occur between solutions of any two acids. Two 
solutions containing a common ion will so react on each other, 
when mixed, that they become isohydric, since this is the 
condition that the undissociated part of each component shall be 
in equilibrium with the ion common to both. To secure this 
condition in a mixture of a strong acid, like hydrochloric acid, 
and a weak one, like acetic, a large amount of the feebly dissociated 
acetic acid and a small amount of the highly dissociated hydro- 
chloric acid must co-exist. Thus, when dilute solutions of 
hydrochloric acid and sodium acetate are mixed, acetic acid is 
formed, and this process continues until the two acids are iso- 
hydric. We see, therefore, that a large amount of undissociated 
acetic acid must be formed, most of the acetate being decomposed 
and the strong acid replacing the weak one. 

Although the calculation of the conductances of mixtures 
formed from non-isohydric solutions is complicated, various 
experimenters have put forward formulae for these conductances 
which agree fairly well with the experimental results. As a rule 
the conductance is less than the average value of the components, 
and the calculated value in the case of solvents of low specific 
inductive capacity is less than that determined experimentally. 
This is due, probably, to an increase in the dissociating power 
of the solvent, brought about by the addition of the second 
electrolyte. 

Bray and Hunt * calculated the specific conductances of 
mixtures of sodium chloride and hydrochloric acid aqueous solu- 
tions by assuming that the equivalent conductance of each substance 
in the mixture is the same as in a solution of the pure substance at 
the same concentration. To determine the ion concentration within 
the mixture, i.e.t the concentration of the common ion, definite 
values were assigned to the conductance of the sodium, hydrogen, 
and chloride ions, viz., 512, 348-2, and 75-8, respectively. The 
specific conductance, a, of the mixture is then given by 

lOOOCT = 127-0 (Ca)NaCI “h 4^4 ® {^®)HCb 

where (Ca)Naci (Ga)Ha represent the ionic concentrations of 
the sodium and hydrogen ions, respectively, in the mixture. 
The procedure may be illustrated, by means of the following 


your. Amer. Chem. Soc., 33, 781 (1911). 
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example, for a mixture of o-i normal solutions of these 
electrolytes : — 

loQ CoDcentration Equivalent Conductance Specific Conductance 
loocu loooCoL in Mixture. looocr obm^^« 

NaCl HCI Na+ H+ Cl- NaCI HCI NaCl HCl Total. 

79‘7 89-9 79-7 89-9 169-6 loi-a 381-1 10-12 38-09 48-21 

Their calculated and experimentally determined values of the 
specific conductances agreed remarkably well, as shown in 
Table XXXVL 

TABLE XXXVI. 

Specific Conductances of Electrolytic Mixtures. 


Salt Conc^ntratioQ. 

Measured 

Specific 

Coocmctaoce^ 

Calculated 

Specific 

Conductaocc» 




KaCl. 1 

HCI. 

TotaL 

1000^ 

10007 ohm-^. 

-OI998N 

’O4991N 

■06989 

21-75 

21-89 

‘02000 

*01999 

•03999 

10-157 

10-27 

-01998 

*009988 

•02997 

6-253 

6-307 

’OI998 

•003996 

•02398 

3-889 

3 ‘ 9*9 

-01998 

*001997 

-02198 

3’*oi 

3 ‘Ii8 

•02000 

*001000 

-02100 

2-709 

2-721 

•00499s 

*01250 

-017495 

5651 

5-678 

•005000 

*004996 

-009996 

2-632 

2-650 

-004996 

•002697 

•007693 

1 ^ 

1-621 

1-630 

•004997 

*000999 

*005996 

1 *01 1 

1*0x6 


In many cases complex ion formation accounts for the lack 
of agreement between the calculated and observed values of the 
conductances of mixtures. For example, when salts such as 
sodium and potassium chlorides are mixed in solution, the 
following equilibria may be attained : — 

KCl ^ + Cl- ; NaCl ^ Na+ + CL, 

KCl + Cl- + Na+ ^ KCI 2 - + Na-^ ^ NaKCl^, 

NaCl -b Cl- + K+ ^ NaCl^- + K+ ^ KNaC4. 

and the formation of the molecular or ion complexes decreases 
the conductance of the mixture. Therefore, the conductance 
of an equimolar solution of sodium and potassium chlorides, 
having a total concentration of one gram equivalent per litre, 
should be less than that calculated from the conductances of the 
pure salt solutions, each at the same concentration as the above. 
As Steam * has pointed out, however, the effect of complex ion 
formation on the conductance of dilute solutions is very small. 

* Jour, Amer. Chem. Soc., 44 , 670 (1922). 
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He worked with the halides of sodium and potassium at 25° C., 
and found that the differences between the calculated and 
observed values of the equivalent conductances were positive, 
and increased with the total salt concentration, but decreased 
generally for the iodides as compared with the chlorides. Some 
of his results are given in Table XXXVI I . 

TABLE XXXVII. 


Equivalent Conductance of Mixtures of Sodium and Potassium 

Halides. 


Coneen- 

tratioD. 

A(NaCl). 

A(KCl). 

A(aNaCI. KCI). 

A(NaCI. KCI). 

AfNaCI, 2KCI). 

Calcu- 

lated. 

Obser>'cd 

Calcu- 

lated 

Observed. 

Calcu- 

lated. 

Observed. 

o-ioN 

050 

VO 

2*0 

106*82 

93*92 

86*36 

75*90 

128*34 

11706 

111*60 

105*70 

113*99 

101*63 

94*77 

85*83 

1 14*12 
101*51 
94 - 14 

85-17 

117*58 

105*50 

98*98 

90*80 

117*46 

105*16 

98*75 

90*12 

i2i*i6 

109*35 

103* 19 
95*77 

12097 

109-10 

102*82 

95*20 

Concen- 

tration. 

A(NaBr). 

A(KBr). 

A(2NaBr, KBr). 

AfNalir, KBr). 

A(N*aBr. 2 KBr). 

Calcu- 

lated. 

Obser\ol. 

1 

Calcu- 

lated. 

Obscrvc<J. 

Calcu- 

lated. 

Observed. 

o-ioN 

0-50 

1*0 

2-0 

40 

1 10*60 
97*86 
90*60 
80*50 
64-85 

13095 

120*90 

117*20 

1 11*10 
101*09 

1 17*70 

*05-53 

99*57 

90*70 

76-93 

1 17*82 
104-91 
99*04 
90-28 
75*52 

120*78 

109*38 

103*90 

95*80 

82*50 

120*84 

108*90 

103*30 

95*26 

81*63 

124*00 

113-22 

108-30 

100-90 

89*01 

124*20 
113*10 
107*88 
' 100*52 

87*95 

Concen- 

tration. 

A(Nal). 

A(KI). 

A(2NaI. KI). 

A(NaI. KI). 

A(NaI. 2KI). 

Calcu- 

lated. 

Observed. 

Calcu- 

lated. 

Observed 

Calcu- 

lated 

Obscr\'ed. 

o-ioN 

0-50 

I’O 

2*0 

40 

109*40 

98*83 

92*53 

83*66 

68*36 

130*56 

122*20 

1 18*58 
113*69 
103*74 

116*50 

106*62 

101*21 

93*67 

80*15 

1 16*60 

Io 6’20 

100*68 

93*02 

79*36 

120*00 

110*50 

105-55 

98*67 

86*05 

12015 

I 10*12 

104*90 

98*10 

85*20 

123*50 

1 14*40 
109*89 
103*68 

91*95 

123*50 

1 14*1 1 

X 09 S 5 

10315 

90*70 


61. Dissociation of water. — The specific conductance of 
very pure water is extremely small, about 0-7 X iO“® ohm"', 
and therefore it is ionised only to a slight extent. Arrhenius * 
regarded it as a weak acid, or base, containing hydrogen and 

• Zeits. phys. Chem., 1 , 631 {1887). 
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hydroxyl ions in perfectly pure water, so that on dissolving in it 
alkali salts of weak acids, such as hydrocyanic acid, the resulting 
solutions have alkaline reactions, indicating that the ion CN 
is replaced by the hydroxyl ion and the compound potassium 
hydroxide is formed. 

Now we may express the dissociation of water by means of 
the ordinary mass law, so that 

_ [H^] [OH-] 

[H.O] ’ 

where [H+], [OH“], and [HgO] represent the concentrations of 
hydrogen ions, hydroxyl ions, and undissociated water molecules, 
respectively. We may, however, regard [HgO] as constant, in 
which case 

iCw = [H+] [OH-], 

Kyf being called the ionic product of water. Its value, at 25° C., 
is approximately. There are several methods whereby 

the value of Kvr may be calculated, some of which will now be 
considered. 

The specific conductance, <tw, of water is given by the equation, 

= (xA^(C/h-*- + L'oh-). 

where and Ton-, the ionic conductances, or mobilities, are 

known. Hence, measuring o-^ experimentally, the value of <xN, 
the number of gram ions of hydrogen pei c.c. of water, may be 

calculated. ^ ^ 

Another method, whereby the ionic product of water may be 

determined, is by examining its influence upon chemical reaction 
velocities. Thus, in aqueous solutions, methyl acetate is slowly 
decomposed into methyl alcohol and acetic acid, the hydroxyl 
ion of water being the active agent. The rate of this reaction is 
proportional to the number of hydroxyl ions present in the 
solution. Wijs * prepared an aqueous solution of methyl aceta^, 
and titrated it at intervals with a standard alkali, in which the 
hydroxyl ion concentration was known. Since the free acetic 
acid, as it is formed, retards the action, it is necessary to estimate 
the transformation rate at the beginning of the process by some 
method of extrapolation. 

Shields f studied the decomposition of an acetate solution 
into acetic acid and a base, which is brought about by the union 
of the ions of water, and OH", with the ions of the salt, the 


• Zeits. phys. Chem., 11 , 49a (1893). 


t Ibid., 12. 167 (1893)- 
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so-called hydrolysis €ffect. In this manner he determined the 
strength of water, acting as an acid, as compared with that of 
acetic acid. Since the degree of dissociation of the latter is known, 
that of water may be calculated. This method has also been em- 
ployed by Noyes and his co-workers.* 

The various methods used in determining the ionic product of 
water give concordant results, some of which, e.xpressed in moles 
per litre, are shown in Table XXXVIII. 


TABLE XXXVIII. 


Dissociation of Water. f 


Tem^rature 

Value of 
[H+) (OH-) 

X xol*. 

Author. 

Tcru^rature 

Value of 
[H+)(OH-) 

X xoi*. 

Author* 

0° 

A 

•13 

K.H. 

30“ 

1*74 

L.B. 

0 

•089 

Ka. 

34 ° 

2*1 

K.H. 

0 

•12 

H. 

40® 

2*94 

L. 

0 

0 

•14 

L.B. 

42 

365 

K.H. 

10 

•32 

K.H. 

50° 

5*95 

K.H. 

10° 

A 

•28 

H. 

50° 

5’66 

H. 

IS 

•46 

L. 

50® 

876 

L.B. 

18® 

•64 

N. 

60® 

I2'6o 

L.B. 

18® 

A A 

•46 

Ka. 

70® 

21-25 

L.B. 

18® 

•59 

H. 

80® 

3504 

L.B. 

18® 

A 

•72 

L.B. 

90® 

53*28 

L.B. 


1-2 

A. 

100® 

48 

N.K. 

25 ® 

A 

1*4 

W. 

156“ 

223 

N.K. 

25 

1 *16 

L. 

218® 

461 

N.S. 

25” 

■82 

Ka. 

306® 

168 

N.S. 


62. Solubility of electrolytes. — In a saturated electro- 
lytic solution containing undissolved solute, equilibrium exists 
between the number of molecules passing to and from the solid 
into the solution. The undissociated salt in the solution plays 
the part of an intermediary between the ions and the solid, being 
in equilibrium with the ions on the one hand, and with the solid 
on the other. Consequently, as long as the solvent remains 
the same, the concentration of the undissociated salt is constant, 
however much the ionic concentrations may be separately varied 
by the introduction of other electrolytes, and the product of these 

* Jour. Amer. Chem. Soc., 29 , 1402 (1907) ; 32 , 159 (1910). 

t K.H., Kohlrausch and HeydweiHer, Wied. Ann., 53 , 234 (1894) ; Ka., 
Kanolt, Jour. Amer. Chem. Soc., 29 , 1414 (1907); H., Heydweiller, Ann. d. 
Phys., 28 , 511 (1909) ; L.B., Lorenz and Bohi, Zeits. phys. Chem., 66, 748 (1909) ; 
L., Lowenherz, ibid., 20 , 293 (1896); N., Nernst, ibid., 14 , 155 (1894) ; A., 
Arrhenius, ibid., 11 , 823 (1893) ; W., Wijs, iWd., 14 , 189(1894) : N.K., Noyes 
and Kato, ibid., 73 , 20 (1910) ; N.S., Noyes and Sosman, ibid., 73 , 20 (1910). 
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ionic concentrations is also a constant. Considering a saturated 
solution of silver chloride, which is sparingly soluble in water, 
and applying the mass action law to the solution, we have 


rAg"] [C1-] 

[AgCl] 


= constant. . 



Since the concentration of the silver chloride molecules within 
the solution is constant, we may write 


[Ag^] [CL] = ^0. a constant. . . (88) 


Van’t Hoff * first suggested that this ionic product of a sparingly 
soluble electrolyte is constant, and it is known as the solubility 
product. 

Now consider the theoretical solubilities "f of two substances, 
containing a common ion, in the presence of each other in aqueous 
solution ; for example, suppose that we add to the silver chloride 
solution another chloride salt. The concentration of the chloride 
ions is increased, and since the undissociated silver chloride 
concentration is constant, we see from equation (87) that the 
concentration of the silver ions must decrease. This can only 
be brought about by recombination of some silver and chloride 
ions to form undissociated silver chloride molecules. ^ But the 
solution is already saturated, so that these silver chloride mole- 
cules, thus formed, must be precipitated. Hence the solubility 
of the silver chloride is, in general, decreased by the addition of 
a neutral salt containing an ion common to the salt already in 
solution, but the effect of the added solute depends upon its 
nature, as well as upon the nature of the solute already in 
solution. Thus the solubility of silver cyanide is increased by 
the addition of potassium cyanide, but this effect is due to the 
formation of a double salt, KAg(CN2). 

With a sparingly soluble salt in solution, most of the dissolved 
molecules will be ionised, and the actual number of undissociated 
molecules will be extremely small, even in comparison with the 
total number of ions, which is also small. From this fact we see 
that the solubility is really determined by the number of kations, 
or anions, since they will be present in equivalent concentrations. 
When the second electrolyte is added, the solubility of the first 
one, namely silver chloride in our example, is determined by the 
silver ion concentration in the solution. In the first c^e it is 
evident from equation (88) that the solubility is proportional to 


* Zeits. phys. Chem., Zt 4S4 (iSSg). . . j 

4 By solubility we mean the number of moles of solute dissolved per unit 

volume of solvent. 
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since [Ag+] = [CL], whereas after the addition of the second 
electrolyte, the solubility is proportional to - [CL]' being 

no longer equal to [Ag]', where [Cl-]' and [Ag-f Irl the new ionic 
con^ntrations, after the second electrolyte has been added. 

L r influence of solubility was developed by Nernst * 

in the following manner : — 

Let ^ denote the solubility of the first electrolyte in pure water, 
a being the degree of ionisation corresponding to this concentra- 
tion. Ihen 5 (i — a) and are the amounts of the electrolyte, 
undissociated and dissociated, respectively. If .x is the concent^ra- 
tion ot the common ions in the second electrolyte, a' the degree 
ot ionisation, and s' the solubility of the first electrolyte in the 
presence of this second one, then, since we assume that the con- 
centrations of the undissociated molecules remain constant, 

^(i — a) = s'(i — a'), 

and, assuming that the mass action law holds, we have 

,(l - a) - 


and 


s'ol'(s'ol' + x) 
s'{i - a') 


= K. 


Thus we get the relation, 


(5a)2 = + X), 


from which 




Hence the solubility of the first electrolyte in the presence of the 

second one may be calculated from its solubility in the pure 

solvent and the amount of salt added. Noyes, f working with 

silver bromate solutions in the presence of silver nitrate or 

potassium bromate, verified this solubility formula. His results 

showed that equivalent mixtures of silver nitrate or potassium 

bromate change the solubility of silver bromate equally, and by 

amounts which agree with those calculated by means of equation 
(89), thus 4 


Zeils.phys. Chem., 4 , 372 ( 1889 ). 


fjbid., 6 , 241 ( 1890 ). 
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Amount of AgNO^ or 
of KBrOa added.* 

Solubility of AgBrOj 
OQ addition of AgNOj. 

Solubility of AgBrOs 
on addition of KBrO^ 

Calculated Solubility 
of AgBrOs. 

0 

•00810 

‘00810 

•00810 

•00850 

•00510 

•00519 

•00504 

•0346 

•00216 

•00227 

•00206 


In the case of tertiary electrolytes we have, from the mass 
action law 

(5a)® = s'o[.\s'cxf + xy, 

where the notation is similar to that used for binary electrolytes. 
Noyes added the chlorides of magnesium, cadmium, zinc and 
copper, respectively, to lead chloride solutions, and assumed that 
lead chloride was dissociated to the same extent as that of the 
added chlorides, ^ being taken equal to the amount of chloride 
added multiplied by a'. The calculated and experimentally 
determined values of the solubility agree fairly well, as shown 

below : — 


Amount of Salt 
added* 

Value of ol \ 

Solubility 5'* 

Determined* 

Calculated* 

•OS 

■697 

•0502 

•0522 

• 10 

•661 

■0351 

■0351 

•20 

•605 

•0218 

■0176 


In deducing these various relations we have assumed that 
Ostwald's dilution law holds, but this law only applies to weak 
electrolytes. For strong electrolytes the equilibrium “ constant,* 
Ky is by no means constant, increasing as the concentration is 
raised, so that the ratio of the ionised to the total substance dis- 
solved becomes greater than the theoretical value. We can, 
however, proceed to find values of K for a substance at various 
concentrations and use the value at saturation to determine the 
solubility. 

The assumption that the concentration of the undissociated 
molecules of an electrolyte remains constant with, or without, the 
presence of a second electrolyte has been attacked both theoreti- 


The amount of salt added is expressed in equivalents per litre of solution. 
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cally and experimentally by Arrhenius * He showed that this 

a^umption has no sound theoretical basis, and on determining 

the solubilities of silver salts of certain organic acids in water, 

and in aqueous solutions containing excess of the corresponding 

sodium salts, he found that the concentration of the undissociated 

molecules was not constant, but decreased with increased con- 
centration. 

In the case of a salt, such as silver chloride, which is very 

TABLE XXXIX.t 


Solubility op Salts in the Presence of Other Salts. 


Salt 

Added Salt* 



Added Salt. 


Nature. 

Concentra- 

tion. 

SolubUity* 

Salt. 

Nature* 

Concent ra* 
tion. 

Solubility. 

ThCI 

ft 

ff 

KCh 

NaCll 

NH4C1/ 

0 

50 

i6‘12 

8-72 

5*92 

CaSO* 

if 

if 

CUSO4 

ff 

ff 

0 

14*3 

75-8 

30-0 

30-4 

286 


ff 

xoo 

397 

tt 

if 

185*6 

25*9 

ThCl 

HCI 

25 

869 

Ba(Br03), 

KBrOs 

0 

40*18 

ff 

tt 

50 

5-85 

if 

if 

25*0 

2653 

ff 

if 

100 

3-84 

i f 

fi 

50*0 

17-37 

if 

ff 

200 

254 

»» i 

if 

99*8 

8*76 

ThCl 

KNO3 

0 

i6’07 

Ba(Br 03 )s 

KNO3 

0 

40* 18 

if 

ff 

SO 

18*26 

ft 

ft 

50 

47*03 

if 

ft 

300 

23-13 

ft 

if 

998 

5213 

ThCI 

KjSO, 

20 

17*79 

AgjSO* 

AgNOa 

25*0 

3909 

if 

tf 

100 

21-37 

it 


49*8 

28*45 

if 

ff 

300 

26-00 

if 

if 

99*6 

16*96 

CaSO* 

NaCl 

0 

30*0 

AgjSO* 

KNOa 

24*9 

57-70 

ff 

ft 

85*2 

44*6 

tf 

tf 

49*7 

6113 

ff 

ff 

179*0 

52*4 

tt 

tf 

99*8 

6793 

CaSO, 

kno. 

0 

30*64 

Ag 2 S 04 

KjS 04 

250 

50*66 

ff 

tf 

52-67 

40-17 

ff 

ft 

500 

49*35 

ft 

tt 

123*6 

48-20 

if 

ff 

100*0 

48*04 

CaSO, 

MgSO. 

0 

30*64 

Ag,S04 

MgS 04 

20*0 

52-21 

ft 

ft 

54‘92 

24*1 1 

ff 

tf 

100*0 

49-95 

ff 

tf 

204*95 

21-96 

tf 

tf 

199*9 

49-60 

PbCl, 

KCI 

0 

77*7 

Ba(IO,), 

KNO, 

0 

**579 

ff 

tf 

100*0 

34*1 

ff 

tf 

10 

1*826 

» 

if 

200*0 

21*9 

f f 

tf 

200 

3*190 


*Zeits. phys. Chem., 31 , 197 (1899). 
t See Noyes, year, Amer. Chem. Soc.^ 46 , 1098 (1924)^ 


ELECTROLYTIC CONDUCTION 


H4 

sparingly soluble in water, its solubility may be determined in 
the following manner. The concentration of the silver and 
chloride ions is very small, and on adding a potassium chloride 
solution of known strength, the total concentration of the chloride 
ions is practically equal to that in the potassium chloride solution, 
and is therefore known. The concentration of the silver ions in 
the mixed solutions may be determined from electromotive force 
measurements * and thus we have 

[Ag-] = 

from which Sq, the solubility product, may be calculated. The 
solubility of the silver chloride may then be determined with the 
aid of equation (88). 

The solubility of a strong electrolyte is generally depressed by 
adding another strong electrolyte containing an ion common 
to the first one, but if there is no such common ion, the solubility 
is increased. These facts are illustrated by the results shown in 
Table XXXIX. for the solubilities of various electrolytes. The 
concentration of the added salt, and the solubilities of the salt 
present as solid phase, are expressed in milli-equivalents per 
looo c.c. of solution. 

63. Solubility in non-aqueous solvents. — In a general 

way the solubility relationships of electrolytes in non-aqueous 
solvents resemble those in water, i.e., the solubility of a salt is 
diminished on the addition of a second salt with a common ion, 
while it is increased if the added salt has no common ion, but the 
magnitudes of these effects are much smaller in some solvents 
in water. For instance, Kraus and Seward f measured the 
solubility of sodium chloride and of sodium bromide ^ 

isopropyl alcohol and in acetone at 25° C. They obtained t e 
following results, the concentrations being expressed in mi i- 
moles per litre : — 


Solvent : Isopropyl Alcohol. 


Solubility of NaCl 
Concentration of NaNOj . 

•4246 

•COCO 

•4159 

‘0800 

•4050 

•1672 

•3817 

•4013 

•8539 

•3480 

1-5574 

•3^ 

Solubility of NaCl 
Concentration of NH4NO3 

•455 

•0000 

'481 

*0985 

•503 

•1839 

*547 

•3537 

•6x7 

•6938 

•734 

I *4024 


Solvent 

: Acetone. 




Solubility of NaBr . 
Concentration of NaNO* . 

•7677 

-0000 

•7597 

•1371 

•7462 

*2286 

•7629 

*6602 




• See Chapter VI. 

t Trans. Farad. Soe., 23 , 488 (1927)* 
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King and Partington * used ethyl alcohol as the solvent and 
investigated the influence both of lithium iodide and of sodium 
thiocyanate on the solubility of sodium iodide at 25° C. The 
effects were similar to those usually found with aqueous solutions. 
They also calculated the dissociation of each of the two com- 
ponents, and the solubility data, so that the concentrations of the 
ionised and unionised molecules in the mixture could be deter- 
mined. Their results, the solubility being expressed in grams of 
salt per too grams of solvent, are shown in Table XL. : — 

TABLE XL. 


Solubility of Nal in CsHjCOOH in the Presence of NaCNS. 


SoIutioiL 

Total 

Solu- 

bility. 

• 

Solu- 

bility 

of 

Ndl« 

Solu- 

bility 

of 

NaCNS. 

Concen- 

tration 

of 

Ka+ 

xo«. 

Concen- 

tration 

of 

CNS^ 

xo*. 

Concen- 

tration 

of 

I" 

xo^. 

Concen- 

tration 

of 

NaCNS 

X lO*. 

1 

Concen- 

tration 

of 

Nal 

X xo^. 

Solu- 

bility 

Prorluct 

X lO^ 

Nal 

1 

2 

3 

4 

NaCNS 

42- 85 
4298 
43 ” 

43- 18 
4316 

43-26 

20-99 

41-81 

39-18 

36-70 

36-25 

3565 

x-17 

393 

6-48 

6- 91 

7- 61 

3-869 

3-901 

3- 988 
4065 
4078 

4- 093 

•169 

•559 

-896 

•954 

1-047 

3-869 

3-732 

3-429 

3169 

3-124 

3-046 

■883 

2-950 

4- 858 

5- 182 
5-701 

17-07 

16-60 

15-48 

14-45 

14-29 

13-96 

1-497 

1-456 

1-367 

1-288 

■ 1-274 
1-247 


It will be observed that both the concentration of the undis- 
sociated sodium iodide and the solubility product decrease markedly 
on adding increasing amounts of sodium thiocyanate, although 
the concentration of the added salt is not large compared with 
the normal solubility of the iodide. These results are also inter- 
esting from another point of view. The total solubility of a salt 
in the presence of a second salt should never be less than the 
concentration of the undissociated part, but from Table XL. we 
see that the solubility of sodium iodide is depressed below the 
concentration value of the undissociated sodium iodide for a 
saturated solution of the pure salt. This confirms the theory of 
Arrhenius f that the undissociated salt concentration does not 
remain constant in the presence of another electrolyte. 

Kendall J investigated the solubility of salicylic acid in acetic, 
hydrochloric and formic acids. In the first case there was a con- 
tinuous, regular increase of solubility as the concentration of 
the acetic acid increased ; with hydrochloric acid solutions, of 

• Trans. Farad. Soc., 23, 522 (i927)- + 

X Proc. Roy. Soc., A, 85, zoo ( 19 * 0- 

10 
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increasing strengths, a sharp initial decrease was followed by a 
much smaller and more regular decrease, while with formic acid 
solutions a small initial decrease was, with increasing concentration, 
soon converted into a regular increase. 


64. Osmotic phenomena. — The pressure which a gas exerts, 
at a given temperature, when a certain number of molecules are 
distributed throughout a given volume, is numerically identical 
with the osmotic pressure which would be exerted under the 
same conditions by the majority of substances dissolved in any 
liquid. In electrolytic solutions a fraction of the molecules is 
dissociated into ions which possess the property of independent 
movement and migration, and assuming that the osmotic pressure 
exerted by a dissolved solute arises from the impacts which the 
smallest individual components of the solute exert by their kinetic 
movements, it follows that the osmotic pressure is due both to 
the undissociated solute molecules and the ions actually present 
in the solution. In the case of a binary electrolyte, for example, 
the osmotic pressure of the solute, if it is completely dissociated, 
is double that which would be exerted if the molecules were not 
ionised, the other conditions remaining the same in the two 
cases. Those molecules, whose ions are free to move in- 
dependently of one another, were designated by van’t Hoff as 
active^ and the undissociated molecules, inactive. He assumed 
that at very great dilution all of the inactive molecules of an 
electrolyte are converted into the active form. Van*t Hoff denoted 
the ratio of the osmotic pressure actually exerted by a solute, 
to the osmotic pressure it would exert if it consisted entirely of 
non-dissociated molecules, by 1 . Thus, if there are C© inactive 
molecules and C active ones present, and one molecule can 
dissociate into n ions, then,, 


V C'o 

Co + C’ 



and it is evident that i represents the ratio of the actual osmotic 
pressure to the normal value if no dissociation occurs. In 
addition, if a is the fraction of the molecules ionised, then. 


C 

Co + C* 



65. Freezing-point temperature depression. — It has 

been shown in section (12) that the depression of the freezing- 
point temperature of a solution is proportional to the osmotic 
pressure exerted by the solute, and it is evident, therefore, that 
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the van t Hoff factor, i, may be calculated by measuring the 
lowering, 5 7 ", of the freezing-point temperature of an aqueous 
solution, containing one mole of a given substance in 1,000 grams 
of water, and dividing the result by 1-858, the molecular de- 
pression for non-dissociated substances. Since one mole of solute 
per 1,000 grams of solvent is, in many cases, unrealisable in 
practice, the lowering of the freezing-point temperature is carried 
out with much more dilute solutions. This observed low'ering is 
then altered in a simple proportion to the value it would have if 
one mole of solute were dissolved in 1,000 grams of solvent, the 
conditions remaining the same in both cases. 

It is a matter of some difficulty to measure the freezing-point 
temperature of very dilute solutions with sufficient percentage 
accuracy. For example, a o oi normal aqueous solution of potas- 
sium chloride freezes at — 0-0361'* C., so that an error of only 
0-001° C. in the equilibrium temperature corresponds to an error 
of 3 per cent, in the observed lowering, and, accordingly, to an 
uncertainty of 6 per cent, in the degree of ionisation derived 
therefrom. The essentials of accurate freezing-point determina- 
tions are : («) rapid and certain attainment of a practically stationary 
temperature equilibrium ; (b) accurate and convenient measure- 
ment of the temperature ; (r) determination with sufficient 

exactness of the concentration of the equilibrium solution. These 
conditions * are realised by (a) thoroughly mixing the solution 
with a large amount of broken ice ; {b) measuring directly, with 
a sensitive thermo-element and potentiometer outfit, the difference 
between the equilibrium temperatures of the ice-solution and of 
the ice-water ; (c) analysing the equilibrium solution by means 
of interferometers. 


Having determined the value of i from the measured value 
of ST, corresponding to a certain concentration of the electrolyte 
in water, it is evident that a, the dissociation at this concentration, 
may be calculated, since, from equations (90) and (91) we have 


i = 1 i)a. . . . (92) 

The hypothesis of complete dissociation infers that the osmotic 
pressure effects for binary electrolytes should have double their 
normal value, and since the normal value of the molecular de- 
pression of the freezing-point temperature is 1-858 we should 
expect twice this value, viz., 3*716 for all such completely ionised 
electrolytes, a number to which all the observed molecular de- 
pressions closely approximate. Similarly, the tertiary electrolytes 


See Adams, Jour. Amer, Chem. Soc., 37 , 481 (1915). 
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should yield a theoretical molecular depression 5*574, and 
although the experimental numbers differ from this value, the 
error is in the right direction, since even in the most dilute 
solutions employed, the ionisation is still far from complete with 
the salts containing divalent ions. It is a striking fact that, as 
the concentration decreases, the molecular depression of the 
freezing-point temperature increases, and approaches a limiting 
value, which, in the case of salts of different types, corresponds 
with the ionic structure of these salts, and is in agreement with 
the fundamental ionic reactions assumed in the ionic theory. 
In some cases the theoretical values are exceeded, but these 
discrepancies are very small. 

Values of the molecular depressions for various electrolytes 
in aqueous solutions, at different concentrations, are given in 
Table XLI.:— 

TABLE XLI. 

Molecular Depression of the Freezing-Point Temperature. 


Concentration. 

•005N. 

•01 oN, 

•020N. 

*05oN. 

*iooN. 

•200N. 

■500N. 

NH,C1 

3-617 

3-582 


3*489 

3*442 

3*392 


KCl 

3-648 

3*610 

■cJlisZB 

3*502 

3*451 

3*394 

3*314 

NaCl 

3*629 

3*6oo 

3*568 

3*516 

3*478 

3*424 

3*358 

HCl 

3-700 

1 

3*669 

3*637 

3*591 

3*555 



BaCl, 

5-196 1 

5*120 

5*034 

4*900 

4*784 

4*660 


CdCl* 


4-796 

4*710 

4*420 


3*852 


CaCl, 



5*112 

4*966 

4*886 

4*832 


ZnCla 

5-412 

5*286 ; 

5*148 

4*954 

4*792 

4*620 


KBr 

_ 


3-584 

3*509 

3*455 

3*404 

3*337 

NaBr 



3-61 1 

3-551 

3-507 

3*463 


Cdlj 

— 

4*062 

3*864 

3-344 

2*694 

2*266 

i ■ ■ 

KNOa 

- 

3*532 

3-493 

3*411 

3*303 

3*168 

r 

NaNO, 

— 

3*536 

3*502 

3-446 

3*393 

3*329 


Pb(NO,), 

5*164 

5*016 

4*844 

4-548 

4*270 

3*960 

3*428 

Cd(NO,)a 

5*380 

5*278 

1 

5-204 

5-154 

5-140 

1 


KCIO, 


3*556 


3-435 

3*334 



NaBrO* 



3*545 

3*492 

3*419 


— 

KIO, 

3*606 

, 3-555 

3*497 

3*397 

3*274 

— 

— 

K.SO, 

5-308 

5198 

5*040 

4-776 

4*568 

4*324 

3*948 

NajS 04 



5*078 

4*810 

4*592 

4*344 

3*944 

HsSO* 

5*052 


4*584 

4*300 

4*1 12 

3-940 

3*736 

CdS 04 

3 080 


2*744 

2*496 




CUSO 4 

3003 

2*871 

2*703 

2*448 



— 

MgS04 

3*148 

3*006 

2*854 

2*638 

2*460 

2*270 

2*008 

ZnS 04 

3*094 

2*940 

2*766 





KOH 

3*706 

3-684 

3-654 

3-578 

3*458 

■ ' ■ ■ 

— 
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66. Boiling-point temperature elevation. — From the 
standpoint of thermodynamics, the principle of the boiling-point 
temperature elevation ranks equally with that of the freezing- 
point method as a means of measuring the ionisation of dissolved 
substances. It has the one decided advantage that it can be 
applied to solutes in all solvents. Except as a means of 
determining molecular weights of dissolved substances, the 
use of this method has been neglected for many reasons. 
Amongst these are (a) the unavoidable superheating of the 
liquid and vapour ; (b) uncontrollable fluctuations in the 

barometric pressure during a series of determinations ; (c) the 
introduction of impurities from the air, and changes in concen- 
tration due to the presence of the solvent in the vapour phase. 
Cottrell * conceived the idea of actually pumping up the boiling 
liquid and allowing it to flow over a thermometer bulb suspended 
in the vapour phase. Washburn and Read f also employed 
this method, and they attempted to avoid superheating, and to 
ensure quiet boiling, by placing in each boiling flask a small 
quantity of fragments of porcelain. Pearce and Hicks J used a 
delicate thermocouple to indicate the temperature, the electro- 
motive forces produced being proportional to the difference 
between the boiling-point temperatures of the solution and pure 
solvent. 


It has been shown in section ( 11 ) that for a concentration of 
one mole of undissociated solute per 100 grams of water, the 
boiling-point temperature elevation is 5*15® C., so that if 8 T is 
the molecular elevation obtained with an electrolytic solution, 

hT 

the van’t Hoff factor, f, is equal to , and hence a, the degree 

5*«5 

of dissociation, may be calculated by means of equation (92). 

A large number of measurements have been made on 
electrolytes in non-aqueous solvents, using this boiling-point 
method, but only a few of these observations were made with 
solutions in which the dilution was carried far enough to justify 
the assumption of complete ionisation. Measurements with 
strong solutions are not of much use because, as soon as the 
solute particles approach closely to one another, the osmotic 
pressure is not given by the ideal gas laws. 

Walden and Centnerszwer § measured the molecular elevation 
of the boiling-point temperature of various electrolytes in liquid 


*Jour. Amer. Chem. Soc., 41 , 721 (1919). 
t Loc. cit., 41 , 729 (1919). 

X your. Phys. Chem., 30 , 1678 (1926). 
^Zeils. phys. Chem., 39 , 513 (1902). 
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sulphur dioxide, and the values which they obtained for van’t 
Hoff’s factor, i, are given in Table XLIL : — 


TABLE XLIL 


Values of van’t Hoff’s Factor for Electrolytes Dissolved in 

Liquid SOj. 



67 . Thermal properties of electrolytes. — The solution 

of substances is accompanied by liberation or absorption of heat. 
The heat change produced when a mole of a solute is dissolved 
in enough solvent to form a given solution is called the total heat 
of solution. It is obvious that if the substance is dissolved to 
saturation, the change of heat is always more or less different 
from the heat of solution, as deHned above. If we know the 
solubilities at two different temperatures, the heat absorbed or 
liberated when the solute is dissolved to saturation may be 
calculated as follows : — 

Since every substance has a definite solubility in a definite 
solvent at a definite temperature, we may write 

^ ~ .... (93) 

where s is the solubility, or concentration, of the saturated solu- 
tion, and K is the equilibrium constant at a temperature T. This 
equation assumes that no dissociation occurs, and since during 
solution the volume of the liquid is not appreciably altered, no 
external work is done, so that from equations (33) and (93) we 
have 

log ^. . . . (94) 


Assuming further that does not change with temperature, 
which is, in fact, only approximately true, we have on intecratine 
equation (94), 


log .. - log 
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where and 5^ are the solubilities of the substance at temperatures 
Ti and Tz, respectively. Thus van’t Hoff* calculated the value 
of Ht, to be 6,830 calories per mole for succinic acid in water, 
the solubilities being 2*88 and 4-22 at absolute temperatures, 
273° and 281-5°, respectively. This value agrees well with that 
found experimentally by Berthelot,f namely, 6,700 calories per 
mole. 

If the solute dissociates, such as happens with electrolytes, 
then equation (93) must be replaced by one which takes this 
phenomenon into account. Thus, for a binary electrolyte we 

have = Ky 

and log s. 

Knowing the relation between and T, and also the manner 
in which the solubility changes with temperature, the value of 
can be accurately determined. Values of the heat of solution, 
calculated by van’t Hoff, agree very well with those determined 
experimentally by Thomsen, J as shown in Table XLIII. 

TABLE XLIII. 

Heats of Solution. 


Substance. 

Temperature 
(Degrees absolute). 

Solubility 
(Grams per Cent). 

Heat of Solution 
(Calories per Mole). 


Ti. 

Tf 



Observed. 

Calculated. 

Succinic acid 

273° 

2815° 

2‘9 

4*22 

6,700 

6,500 

Benzoic acid 

277*4 

348" 

0-182 

2*193 ; 

6,500 

6,700 

Salicylic acid 

285*5° 

354 ° 

0-16 

2*44 

8,500 

8,900 

Oxalic acid 

273° 

283" 

5*2 

8-0 

8,500 

8,200 

Boric acid . 

273 


1*95 

2-92 

5,600 

5,200 

Barium hydrate . 

273° 

283" 

1*5 

2-22 

15,200 

16,300 

Aniline 

289° 

308" 

3*1 

3*6 

100 

700 

Amyl alcohol 

273° 

291® 

4*23 

3*0 

— 2,800 

—3.300 

Phenol 

274° 

318® 

7*1 

10*2 

2,100 

1.400 

Potassium 

bichromate 

273° 

283® 

4-6 

7*4 

17,000 

17,300 

Potassium 
chlorate . 

273° 

' 288 4® 

3*3 

603 

10,000 

1 1,000 
8,800 

Barium nitrate 

273° 

282® 

5*2 

70 

9,400 

Mercuric chloride 

283° 

323° 

6-6 

11-8 

3,000 

3,000 


• Lois de I'iquilibre, 37 (1885). 
t Thermochimie (1897). 

J Thermochemische Untersuchungen, L, 149 C1882). 
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In the equation 


H, = (log K), . 


■ ( 9 S) 


is the sum of the heat contents of the substances produced 
during any reaction, less the sum of the heat contents of the sub- 
stances consumed, and therefore this equation affords a means 
of calculating the total heat change which occurs during the 
dissociation of an electrolyte in any solvent. It may also be 
written in the form, 

5 (i? log K)^ _ „ 

K-r) 


where is the heat absorbed^ and if the value of K is known 
at different temperatures, we may plot values of R log K 

against those of If is constant, the resulting graph 

should be a straight line, but in most cases, a very pro- 
nounced curve is obtained, even for a small temperature range. 
The slope of the curve at any temperature gives, at once, 
the heat absorbed at that temperature in the dissociation of 
one mole of the electrolyte. Lewis and Randall,* considering 
constant pressure conditions, have shown that when the values of 

R log K for ammonium 

resulting relationship is almost linear at the lower temperatures 
and that 

= 16,500 — 52*5r, 

from which the heat of dissociation at 18® C. is calculated to be 
1,200 calories. This agrees w’ith Thomsen’s experimentally 
determined value, 1,200-1,400 calories.f 


hydroxide are plotted against the 


68. The heat of dissociation of water. — It is evident 
that if the dissociation constant of water is known at different 
temperatures the quantity of heat, H„, that must be absorbed, 
whenever one mole of water dissociates into its constituent ions, 
may be calculated as shown in the previous section. If we con- 
sider a small temperature range, and assume that the heat of 
dissociation throughout this range remains constant, then on 
integrating equation (95), 

— = R log K + constant. . . (96) 

• Thermodynatmcsy p. 313 (1923). 


t Loe. eit. 


HOMOGENEOUS IONIC EQUILIBRIA 


153 


Michaelis * has interpolated values of log K. at different tempera- 
tures, and taking his values, viz., logio K at 24° C. = — 13-925, 
^ 26° C. = — 13*860, and remembering that R is equal 

to 1*989 calories per mole per degree C., we have 

= 13,275 calories p?r mole 

as the average value of the heat of dissociation of water over the 
temperature range 24° C. to 26° C. Thus, we may assume this 
value to hold at 25° C. Wbrmannf measured the heat of dis- 
sociation at this temperature and obtained the value 13,410 
calories. 

If we assume that the heat of dissociation is a linear function 
of the temperature, viz., 

= jy/ + aRT, 


where a \s z constant, and is the value of zt T = o, then, 
substituting for in equation (95) and integrating. 



from which /// and a may be calculated if ATj and ATg are known 
at the temperatures and Tg, respectively. In this way Noyes J 
obtained the expression 

= 28,460 — 49*5 T . . . (97) 

for the heat of dissociation of water at a temperature T. His 
results were as follows : — 


Temperature. 

Heat of Dissociation^ 

Temperature. 

Heat of Dissociation^ 

0“ c. 

14,950 calories. 

100* c. 

9.995 calories. 

18® 

14.055 


8,610 


13.710 

156° 

7,225 

SO 

12,470 

218^ 

4,15s 

75 1 

1 

1 

11,230 




69 . The heat of neutralisation. — Since changes in 
temperature affect the value of the equilibrium constant, it is only 
when salts are completely ionised that no change in temperature 
occurs when solutions are mixed. If one component, before or 
after mixing, is slightly dissociated, combination of the ions occurs, 


• Die Wasserstoffionenkonzentration, Berlin (1922). 
t Ann. d. Phys., 18 , 793 (1905). 
j Carnegie Publications, No. 63 C1907). 
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and heat will be liberated, or absorbed. Now the dissociation 
theory postulates that the neutralisation of an acid by a base may 
be represented by an equation, such as 

[H^ + C 1 -] -F [K+ + OH-] = K+ + Cl- + HgO. 

Thus, since the ionic product of water is extremely small, 
and the concentrations of the hydrogen and hydroxyl ions are 
both very small, practically all of them unite to form undissociated 
water molecules. From this it follows that the heat changes 
occurring are brought about by this formation of water molecules, 
and therefore, when a gram-equivalent of a strong acid (com- 
pletely ionised) is neutralised with a gram-equivalent of a strong 
base (also completely ionised), the heat liberated is that which is 
produced when one mole of water is formed, namely, 13,7^® 
calories at 25® O. 

This fact also explains Thomsen*s results.* He found that 
when a strong acid reacted with an equivalent quantity of a strong 
base in dilute solution, the heat evolved was always about 13,70° 
calories, whatever the acid and base used, but in reactions with 
the weaker acids and bases the heat changes diverged from this 
normal value. As a rule, the salts formed from such acids and 
bases are more fully dissociated than the reactants, and thus ions 
will be formed during the process. For example, acetic acid is 
dissociated only to a slight extent, and heat must be absorbed 
to complete ionisation. If a is the fraction of the molecules 
ionised, heat equal to (i — oC)H„ must be supplied to complete the 
ionisation, where H„ is the heat of ionisation of acetic acid ; and 
thus to oljtain the heat of neutralisation of this acid (i — a)^« 
must be subtracted from the heat of water formation. The dis- 
sociation constant of acetic acid, calculated from Kendall’s 
conductivity measurements, *!• is 0*0000184 at 25® C., and as- 
suming that the value of K for the ions and molecules in solution 
is the same as that for the atoms and molecules in the gaseous 
form, i.e.y assuming the particles in solution behave as a perfect 
gas, we find that for the reaction 

CH3COOH = + CH3COO-, 

the energy absorbed, as given by equation (32), is 6,463 calories 
at 25° C. Strictly speaking, this is the energy absorbed under 
constant pressure conditions, but as the change in volume dunng 
the reaction is extremely small it may also be taken as the heat 
absorbed under constant volume conditions. 

Thomsen used some sulphuric acid solutions, in his experi- 

t Medd. Vetens. NobeKnst, 2 , 38 (1911). 


• hoc. cit. 
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ments on neutralisation, in which the fraction of the sulphuric 
acid molecules ionised was only about 0-5. With these he found 
that the heat of neutralisation was greater than the normal value. 
Thus heat must be evolved during dissociation of sulphuric 
acid into its constituent ions. 

In the case of many acids the equilibrium constant, K, de- 
creases with temperature so that the heat of dissociation is negative 
(heat is evolved) and the heat of neutralisation is greater than the 
normal value. With the aid of equation (96) Arrhenius * deter- 
mined the value of K at different temperatures, and so measured 
the heats of dissociation of various electrolytes. Knowing the 
coefficient of ionisation he then calculated (1 — «)//„, the heat 
evolved, or absorbed, by the completion of the dissociation of the 
electrolyte, and added it to the heat of dissociation of water. The 
result should be equal to the heat of neutralisation of the 
electrolyte, and as Table XLIV. shows, there is good agreement 
between the observed and calculated values. 

TABLE XLIV. 


Heats of Neutralisation at 2 15° C. (Calculated and Observed). 


Acid. ' 

1 

He^t of NeutralisAtiocL 

Acid. 

Heat of Neutralisation. 

Observed. 

Calculated. 

Observed. 

Calculated. 

Hydrochloric 
acid . 
Hydrogen 
bromide 
Nitric acid 
Acetic acid 
Propionic acid 

Calories. 

-* 3.447 

— *3,525 

— *3,550 

— 13.263 

— 13,598 

Calories. 

— *3.740 

— *3.750 

— 13,680 

— 13,400 

— 13,480 

1 

1 

Butyric acid . 
Succinic acid . 
Dichloracetic acid 
Phosphoric acid 
Hypophosphorus acid 
Hydrofluoric acid 

Calorics. 

-* 3 . 9 S 7 

-*2,430 

— *4,930 

— * 4,959 

— 15,409 

— *6,320 

Calories. 
—13,800 
— 12,400 
—*4,830 
—14,830 

—15, *60 
— 16,270 


Recently Richards, Mair and Hall f measured, at 20° C., 
the heats of neutralisation of acids by sodium hydroxide, and ob- 
tained the following results : — 


Acid. 

1 

Heat of 
Neutralisa* 
tion.^ 

Acid. 

Heat of 
Neutralisa- 
tion. 

Acetic acid .... 
Citric acid .... 

Monosodium dihydrogen citrate 
Disodium monohydrogen citrate 

Calories. 

— * 2,995 

— * 2.753 

— 12,710 

— *3.077 

Hydrochloric acid 
Hydrogen bromide . 
Hydrogen iodide 
Nitric acid 

Calories. 

- 13^924 

- 13,856 

- *3,797 

- *3,851 


• Zeits. phys. Chem., 4 , 96 (1889) ; 9 , 339 (1892). 
i Jour. Amer. Chem. Soc., 51 , 731, 737, 740 {1929). 
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70. Optical properties of electrolytic solutions. — We 

have seen that the electrical conductance of an electrolytic solu- 
tion may be expressed as the sum of the conductances of the con- 
stituent ions. This additive principle is a particular example of 
similar relations which are applicable to many properties of 
solutions, these additive properties depending upon the hypothesis 
of the practical independence of the constituents within the 
solution. If we wish to apply this principle to optical properties 
we must seek, therefore, a relationship between the optical and 
chemical behaviour of a substance which shall be independent 
of temperature, state of aggregation and other physical properties. 
Now the refractive index of a substance changes both with the 
temperature and its condition, so we must look for some function 
of the refractive index which is dependent only upon the chemical 
nature of the substance. Gladstone and Dale * suggested the 
function, 

.... (98) 

P 

where fx is the refractive index and p the density of the material, 
this function being termed specific r efr activity . It only partially 
satisfies the above requirements, so Lorentz f and Lorenz J 
independently developed a different function in the following 
manner : — 

Clausius § has shown that if a represents the fraction of the 
total volume of a substance which is actually occupied by the 
molecules, the specific inductive capacity, Z), of the substance is 
given by 

„ I + 2a 


D = 


I — a 


or 


a — 


D — I 
D 2 


From the electromagnetic theory of light, and for light of 
very long wave-length 

D = 

Now the volume actually occupied by the molecules in one gram 
of a substance is a quantity independent of temperature and 


• Phil. Trans., A, 8 (1858). 
X Ibid., 11, 70 (1880). 


t Wied. Ann., 9, 643 (i88o). 

§ Ges. Abh., n, 13s (1867). 
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of the aggregation state, 
equations, is given by 


Hence, since 

P 

— I I 
/x2 + 2 p 


from the above 


• (99) 


this expression gives a relationship between the optical and 
chemical properties of a substance which is independent of 

I I 

physical changes. For this reason g . - , termed the specific 

refraction^ A, is a very characteristic quantity for the given sub- 
stance, and is even independent of the wave-length of the light 
selected for measuring the refractive index, provided that the 
wave length is long. 

It is well recognised that the refractive inde.x of an electrolytic 
solution does not increase at the same rate as the percentage 
composition, or the concentration. This is due, in part at least, 
to the fact that when a salt is dissolved in water, the contraction, 
or expansion, during solution, per unit quantity of salt, varies 


with the concentration of the solution. Bender * showed that 


with dilute electrolytic solutions, where the degree of dissociation 
is large, the increments of refractive index with changing concen- 
tration, if referred to molecular quantities of salt, show distinct 
additive properties. This is to be expected, of course, if the 
property is ionic rather than molecular. The additive relation- 
ship should be most satisfactory at infinite dilution but the dif- 
ficulty in obtaining sufficiently accurate measurements makes 
the verification less satisfactory with very dilute solutions. 

Although the expression (99) is nearly constant under varying 
conditions, it does depend to a slight extent upon temperature, 
but, in general, we may say that the relationship between the 
specific refractions of solutions and their components may be 
expressed by the equation, 


k^x 4- ^2(100 — x) = A3I00, 


where Ag, represent the specific refractions of the solute, 
solvent and solution, respectively, and x is the percentage of 
salt by weight. Baxter, Boylston, Mueller, Black and Goode f 
measured the refractive index of various salt solutions with a 
refractometer, and knowing the weight of salt, weight of solution 
and volume of solution, the percentage of the salt present and 


• Wied. Ann., 39 , 89 (1890). 

\ Jour. Amer. Chem. Soc., 33 , 901 (1911). 
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the specific gravity of the solution, referred to water, could be 
calculated. Assuming that the specific refractions of the salt 
and of the water are additive, they computed both the specific 
and molecular refractionSy Mky of the salt in solution by means of 
the following equations : — 


where 


k 

Mk 


^ ^ ^ 

+ 2 * 

— I 

p + 2 


lOD _ — I 

p5 Mu,® + 2 

lOO _ — I 

pa Mto® + 2 



lOO — 
Pu, 



k = specific rotation of the salt in solution, 

M = molecular weight, x = percentage of salt, 
/x, = refractive index of solution at 25® C., 

Mu, = refractive index of water at 25® C., 
p, = density of solution at 25® C., 
pu, == density of water at 25® C. 


As shown in Table XLV. the specific refractions are practically 
independent of the solution concentrations, as they should be 
if the additive principle is true ; — 


TABLE XLV. 


Specific and Molecular Refractions of Salts. 


Salt. 

Per cent* 
o( Salt in 
Solution. 

Refractive 
Index of 
Solution. 

Specific 
Refraction 
of Salt. 

{ k ). 

Salt. 

Per cent, 
of Salt in 
Solution. 

Refractive 
Index of 
Solution. 

(M,). 

Specific 
Refraction 
of Salt. 

(*)■ 

LiCI 

1 

•6254 

1-33388 

-2093 

LiBr 

■3889 

*•33307 

’1412 


•9688 

1-33460 

-2088 


6-1940 

1-34200 

-1408 


5-7352 

1-34465 

-2073 


18-190 

1-36254 

-*415 


13-1099 

1-36024 

-2045 









KBr 

-9874 

*-33370 

■1277 

NaCl 

•5280 

*-33342 

•1605 


8-8542 

*•34327 

-1254 


I' 1068 

*-33438 

-1592 


21-017 

*■35984 

-1251 


5-4*31 

1-34*79 

-1582 






*4344 

*-35747 

•1582 

Nal 

-7469 

1-33362 

-1299 






6-8272 

1-34278 

•1300 

KCI 

*9466 

*-33376 ; 

*544 


30-418 

**38783 

-1292 


48340 

*•33896 

-*500 






* 3-755 

1-35122 

*5*7 

KI 

-9*5* 

1-33367 

-*274 


21-770 

1-36238 

-15*3 


8-5864 

I -34422 

-1295 






25-604 

1-37194 

-1289 


Any deviation from the principle of additivity which is 
found in practice must be regarded as an indication of influences 
exerted by the components upon each other, such influences, 
for example, as may be exerted by the ions on the solvent 
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molecules in the case of electrolytic solutions. Fajans and Joos,* 
from the specific refraction of the perfect gases and of the alkali- 
halogens in solution, obtained individual values of the refraction 
for alkali and halogen ions, and hence also for many other ions 
in solution. The values thus obtained agree, to a first approxima- 
tion, with those found by Wasastjerna f on the basis that, for the 
hydrogen ion in very dilute aqueous solution as an electron-free 
structure, the refraction has a null value. 

Fajans and Joos showed that the specific refraction of anions 
is lowered by neighbouring kations, while the refraction of 
kations is increased by neighbouring anions. Similar effects 
are produced on the refraction of water in the immediate neigh- 
bourhood of the ions. For example, if the molecular refraction 
of aluminium chloride in very' dilute aqueous solutions is cal- 
culated in the usual manner, that is by subtracting from the 
molecular refraction of the solution that of water, the value 24 6 
is obtained. Now the three chloride ions have a molecular re- 
fraction equal to 3 X 9-00 = 27 00. Hence for the aluminium ion 
there results the impossible value, 24-6 — 27*0 = — 2-4. Since 
free gaseous aluminium ions must have a molecular refraction of 
about 0*17, the anomaly can only be explained on the supposition 
that the molecular refraction of the water has been greatly 
decreased by the strong electric field due to the small and highly 
charged aluminium ion. This decrease will be distributed 
among the several water molecules surrounding the aluminium 
ion in the dilute solution. 

The specific refraction of a solution will vary as the ions 
approach more closely to one another, thereby displacing the 
water and uniting to form undissociated molecules, or complex 
ions. Association of the ions will also affect the refraction. 

Fajans X plotted the molecular refractions at various. concen- 
trations (Fig. 19), and extrapolated the results to infinite dilution. 
The values thus obtained, at zero concentration, proved to be 
strictly additive within the limits of experimental error. With 
increasing concentration there is in the case of halides a decided 
decrease in refraction. On the other hand, potassium fluoride 
shows an increase in refraction as the concentration increases. 
The values of the molecular refraction, at infinite dilution, 
and of Bkry, where is the molecular refraction 

of a 5 normal solution for various salts at 25° C., are given in 

* Zeits.f. Phys., 23 , i O924). 

t Zeits. phys. Chem., 101 , 193 (1922), 

t Trans. Farad. Soc., 23 , 364 (1927). 
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Table XLVI. The refractive index was measured with respect 
to the sodium D line radiation. 

r4r 


10 


hBaiCip^)^ 


^aCLO. 


o 

^ -4 

^ -6 
-s 

o 

^ -10 

■5 

^ -IZ 

“I 

4 

e -/6 

~20 

-22 

-24 

-26 


NaCl 


NaBt 


\liCl 


V ^ I ' 

\%Ma 3 


Lil ' 


^HCl 


0 Z 4 6 8 W 12 

Concentration in Equivalents per 
1000 grams of Water. 

Fig. 19. — ^Variation of molecular refraction with concentration. 

Fajans * has shown recently that for solutions of the sodium 
salts of a series of acids, including hydrochloric, nitric, and 

• Zeits. phys. Chem., 137 , 361 ( 1928 ). 
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TABLE XLVI. 


Molecular Refractions of Salts. 


Salt 

1 

Lil 

LiBr * 

1 

iAICI, 

HCl 

LiCl 

NaBr 

NaCl 


— -240 

• 1 

— *140 

8*21 
- 13 

— 120 

8*76 
- -088 

12*90 
— *083 

9*27 
- *053 

Salt 

iLi.SO, 

*AL(SO.), 

i(NH 4 ),SO, 

NaClO, 

iBa(CIO.), 

KF 


km** 

708 
— 013 

6*57 
— *008 

i 

1 1*70 

+ *015 

1 

13'44 
+ 042 

* 5 -44 
+ -050 

' 4-86 
1 + -055 

i 


sulphuric acids, the changes of refraction with concentration 
are similar, both as re^rds the sign and the relative amounts, to 
those of these acids which occur as the concentration passes from 
an infinitely dilute solution to one of homogeneous undissociated 
acid. The changes in the case of the acids are due to the 
formation of undissociated molecules, and hence, on parallel 

grounds, the change in the salt solutions must be attributed to 
the same cause. 

Schreiner * has measured the refraction of trichloracetic acid, 
its sodium and lithium salts and also of hydrochloric acid at i8° C. 
From these measurements he calculated the degree of dissociation, 
and compared the results with those calculated from conductance 
measurements. There was general agreement up to concentra- 
tions of 2 normal, but at higher concentrations the optical method 
gave the higher values. The molecular refraction of the 
trichloracetic acid decreases as the concentration is increased, 
but that of its salts is constant. With hydrochloric acid and 
lithium chloride the refraction a^so decreases with concentration, 
but the relationship is not a linear one. 

Another interesting additive optical property of electrolytes 
is that of light absorption, in which the absorption produced by 
an electrolyte, completely ionised, is the sum of the absorptions 
resulting from the two sets of ions. We should expect dilute 
solutions of all salts, containing a common ion, to possess the 
same colour. In general this is so, f.e., all chromates are yellow, 
all cupric salts blue, and all manganous salts pink. If both 
sets of ions are “ colourless,” then the solution should also be 
colourless. 

Ostwald t photographed, on the same plate, absorption 
bands produced by various solutions. When the solutions were 

• Zeits. phys. Chem., 133 , 420 (1928). 
t Ibid., 9 , 579 (1892). 
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dilute the various bands of the permanganates, for example, 
had the same wave-length. In fact the absorption spectra were 
identical if the solutions contained the same coloured ion in 
equivalent quantities, associated with different kations. In 
general, the spectra are independent of the nature df the kation, 
the deviations that do occur being attributed to secondary effects. 
Merton,* however, has pointed out that the absorption bands 
of permanganates are similar even when different solvents are 
employed, in some of which the degree of ionisation must be 
very small. From this it is concluded that the abso^tion is 
due chiefly to the manganous radical, ionisation having little 
effect. 

Ostwald also found that in other cases the spectra of dilute 
solutions were identical, provided that the solutions contained the 
same coloured ion. It may be noted that this ion coloration 
effect is widely used in the indicator method, applied to the titra- 
tion of acids and bases. Thus phenolphthalein in acid solution 
is feebly dissociated, and is therefore colourless, whereas its salts 
in solution are pink, due to the anion from the dissociated salt. 
A change from a non-dissociated state to a dissociated one is 
therefore indicated by this change in colour. 

Under certain conditions salt solutions containing an optically 
active ion have similar rotatory power. j" If the optically active 
ion combines with an inactive one to produce an inactive 
solutions of equivalent quantities of different salts containing this 
active ion should possess the same rotatory power, provided that 
complete dissociation occurs within the solutions. Thus, with the 
quinic acid salts in a one-seventh normal solution the molecular 

rotations are, 

K Na NH« Ba Sr Mg 

48-8* 48-9" 47-9“ 46-6® 48-7° 47-8® 

the molecular rotation of the one-seventh normal quinic acid 
solution being 43’4‘’. It is, however, only slightly dissociated. 

Jahn X measured the magnetic rotation of the plane of 
polarisation in several electrolytic solutions, subtracting from 
these results the rotation produced under identical conditions 
by the water alone. His results were as follows : — 


• Trans . Chem . Soc ., 99 , 637 (1911). 

t See Landolt, Ber.^ 6, 1073 (1873) ; and Oudemans, Lieb. Ann ., 197 , 48, 
66 (1879) ; 209 , 38 (1881). 

t Wied. Ann ., 43 , 280 (1891). 
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Magnetic Rotation of Solution. 

Salt. -»• 

Cl. 

Br. 

I. 

iso*. 

Na 

1 

5-36 

919 

i 8’46 

I ‘77 

K 

iCa 

5’66 

4*70 

936 

8-8o 

* 8-95 

1-79 

iSr 

4*86 

9-08 



IBa 

50s 

9*27 



ICd 

589 

9-85 

20-45 

2-s8 


The differences between the magnetic rotatory properties of 
the chloride and bromide ions are, therefore. 


Na 

383 


K iCa JSr JBa 

370 410 422 422 


4Cd 

396 


These differences are fairly constant, from which we assume 
that the kation has little effect upon the magnetic rotation. 


71 . Other additive properties of electrolytes.— In 

addition to the various additive properties of electrolytes in- 
stanced in the previous section we find other examples where, if 
ionisation is complete, the difference between a physical property 
of a solution and that of the solvent is a function of the difference 
brought about by the ions ; but if the electrolyte is not completely 
ionised, the effect produced by the undissociated molecules must 
be taken into account. Thus, if any property, such as density, is 
independent of any interaction between the ions and the unionised 
molecules, its numerical value may be expressed by means of the 
equation, 

^ ~ ’L ■AC I a)C + BaC, (100) 

where P and P. are the numerical values of the properties of the 
solution and solvent, respectively, C, the molecular concentration, 
a, the degree of ionisation, and A and B, constants relating to 
the unionised molecules and ions, respectively. Equation (100) 
may be written in the form, ^ 

SP 

— A(i — a) H- Ba, 

so that SP is a linear function of a, and from known values of SP 
values of a may be determined. 

Valson * calculated the values of the specific gravities of salt 


• CompUs Rendus, 78 , 411 (1874). 


164 


ELECTROLYTIC CONDUCTION 


solutions from those of the components, and Groshans * dis- 
covered that the molecular volume of a dissolved salt was, in 
dilute solution, the sum of two constants, one determined only 
by the acid, and the other solely by the base. Again, as 
Heydweiller \ has shown, the density of aqueous solutions may 
be represented by a relationship of the type expressed by equation 
(100), 

Consider a salt such as potassium chloride which, in very dilute 
solution, is completely dissociated, unit volume of the solution 
containing the same number of potassium and chloride ions. 
From equation (100) we have 


and 


Pk — Pw + PrC, 
Pci = Pw “1“ BciC, 


the suffixes referring to the two types of ions. For a sodium 
iodide solution of equal molal concentration, in which dissociation 
is complete, 

Ph» = Pw + 

and Pi = Pw + PjC, 

so that 

Pkci — Pki — C[Bk + Bq — Bk — BJ* 

Similarly, 

Pn.ch — Bhu = C[BHa + Bci — Bh* — BJ, 

or Pkci — Pki PHaci PnbI- 

Suppose that P here represents the value of the equivalent con- 
ductance, Aoy of infinitely dilute electrolytic solutions, then 
equation (101) states that 


o(Ka) 


— ^O(KI) — ^ 


O(KaCl) 


- A 


0(NaI)> 


a relationship discussed previously in connection with Kohl- 
rausch^s theory of the independent ionic migration ; in fact we 
have assumed this independent action of the ions in deducing 
equation (loi). 

Again, if P refers to the volume changes that occur when one 
mole of salt is dissolved in water, Traube J has shown that with 
the salts, potassium chloride, potassium iodide, sodium chloride, 

• Wied. Ann., 20 , 492 (1883). f Atm. d. Pkys., 37 , 739 (iQi*)* 

X Zeits. anorg. Chem., 3 , 11 (1893). 
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and sodium iodide dissolved in this way, the volume changes 
are, 

KCl = 267 NaCl = 177 

Difference = 187 Difference = 18-4 

KI = 45-4 Nal = 36*1 

the difference in the volume changes being due to the different 
anions. 

Further, we may consider the densities of solutions formed 
by these salts in water, the concentration in all cases being 0*2 
normal. At this strength the specific gravities are, at 0° C., 

KCl = 1*09255 NaCl 1*08325 

Difference = 0*13513 Difference = o’i 3573 

KI = 1*22768 Nal = 1*21898 

These various examples show that if we know the numerical 
values of a property of equally concentrated solutions of four 
salts represented by MjX^, MgXa, MjXj and MgXj, then these 
values conform to the relation 

MjXi - MA = - M2X2. 

There is another important method by which the additive 
properties may be expressed, namely, by means of moduli. 
These were developed by Valson * who chose for his starting- 
point the densities of ammonium chloride aqueous solutions, 
viz.y 

Concentration N 2N 3N 4N 5N 

Density at 18® C. i’Oi57 1-0308 1*0451 1*0587 1-0728 

Denoting the density of an n normal solution of this salt by 
he showed that />, the density of an n normal solution of the salt 
MX, is given by 

p = pn + + b)t 

where a and b are the differences between the density of a normal 
solution of ammonium chloride and that of normal solutions of 
salts represented by MCI and NH4X, respectively, M and X 
being any metallic and acid radicals. The values of a and b, 
known as the moduli of the respective ions to which they refer, 
are determined experimentally. The moduli of different ions are 
as follows : — 


Comptes Rendus, 73 , 441 (1871) ; 77 , 806 (1873). 
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Ion 

NH4 

K 

Na 

Li 

iBa 

4Sr 

iCa 

Modulus X 10* 

0 

289 

238 

78 

735 

500 

280 

Ion . 

mg 

iZn 

iCd 

4 Pb 

4 Cu 

Ag 

H 

Modulus X 10* 

210 

410 

606 

1087 

434 

io6x 

16 

Ion 

Cl 

Br 

I 

NO3 

4SO4 

CaHaO, 

OH 

Modulus X 10^ 

. 0 

373 

733 

163 

206 

— IS 

20 


The density of a 3-normal aqueous solution of calcium bromide, 
calculated by means of these moduli, would be equal to />, where 


P = 1*0451 + 3(280 + 373)10-^ = 1*2397. 

This agrees well with the experimentally determined value, 1*2395. 
The moduli may be used to calculate the densities of very con- 
centrated solutions, but the agreement between the calculated 
and experimental values is not always as close as that in the above 
example. 


72. Diffusion. — Closely connected with osmosis is the 
phenomenon of diffusion. If two fluids in contact are able to 
mix in any proportions, they will do so spontaneously until a 
uniform mixture results. The process by which the inter-mixture 
is formed is called diffusiouy and is produced by the molecular 
migratory movements which characterise fluids. Diffusion is 
comparatively slow with liquids, depending upon the rate of 
density change with distance at the place considered. It varies 
with the type of salt used, and increases both with concentration 
and temperature. These experimental results have been in- 
corporated by Pick * in his law which states that, if the concentra’- 

dC 

tion gradienty measured at right angles to a planey is the mass 
of dissolved substance crossing unit area of this planey per secondy 

dC 

is equal io D^, where D is known as the coefficient of diffusion 
of the solute. 

If we consider unit area of two such planes, separated by a 
distance Sxy and if C is the concentration of the solute in moles 

dC 

per c.c. at one plane, at any time /, then C — 

concentration at the other plane. Thus by Pick’s law, the amount 
of solute inflowing across the first plane, during a time hty will 

dC 

be D^8/, while the outflow across the other plane during the 


Pogg. Ann.y 94 , 59 ( 1855 ). 
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dC 

same time interval will be D 


d^C 

~ D-r-i8.v8/, so that the solute 
dx^ 

accumulates within the space between these planes at a rate 

d^C 

equal to per second. But this rate of accumulation 


dC 

may also be expressed in the form and thus, 

dC d^C 

dt " ^dx^' 


Consider a vertical cylinder of cross-sectional area A con- 
taining a non-electrolytic solution in the lower portion and water 
in the upper part. The solute gradually diffuses upwards until 
a uniformly concentrated solution results. Let the osmotic 
pressure at a height x within the cylinder be P , so that the upward 
force acting upon a thickness hx of the solution is AhPy where 
hP is the change in the osmotic pressure over the distance hx. 
Thus the upward force acting in the ^ direction upon each mole 

within this layer is equal to 

ABP 

~ CABx' Cdx' 


the negative sign being introduced since the force is opposed 
to the osmotic pressure gradient. When steady motion is attained, 
the force / necessary to drive one mole of solute through the 
solution with unit velocity— i cm. per sec.— is equal and opposite 
to the viscous drag exerted on this mole, and thus the velocity 

acquired by each mole is 

I 

~~ f ' Cdx‘ 


Hence the number, hN, of moles of solute which cross area A 
in a time ht is given by 

Assuming that the solution is ideal, and that it obeys the perfect 
gas laws, 

p = CRTy 


so that 





73. Diffusion in electrolytic solutions. — Diffusion occurs 
within an electrolytic solution as in any other solution, pro- 
vided that a concentration gradient exists within it, but in 
addition to the osmotic pressure, we have to consider electrical 
forces. With an aqueous hydrochloric acid solution, for example, 
the hydrogen ions travel faster than the chloride ions and an 
electric field is set up, the more concentrated parts of the solution 
becoming negatively charged. This electrostatic field accelerates 
the slower moving chlorine ions and retards the more rapidly 
moving hydrogen ions, until the rates of movement become equal. 
Since separation of the ions does actually occur, an electrical 
potential gradient is established within the solution. 

This process becomes more complicated when two different 
electrolytic solutions are in contact. For example, in the case of 
an aqueous hydrochloric acid solution, placed in contact with 
one of sodium chloride, since the chloride ions possess greater 
mobility than the sodium ions, more chloride ions than sodium 
ions from the sodium chloride solution pass into the hydro- 
chloric acid solution, and, vice versa^ more hydrogen ions than 
chloride ions move into the sodium chloride solution. Both 
effects, therefore, tend to make the latter positive with respect to 
the acid solution. 

Consider an electrolytic solution in contact with pure water, 
such that one mole of the electrolyte yields on complete dis- 
sociation Hr gram kations, of valency vr and nA gram anions, 
of valency va- If Pk and Pa refer to the osmotic pressures 
exerted by the kations and anions, respectively, then, 


Pr = nRCRT ; Pa = uaCRT, 


where C is the concentration. The force acting upon the ions, 
contained within a slab of the solution of thickness Bx and cross- 
sectional area A, is equal to 




- (tiK + nA)RJ^ . ASx. 


But this volume of solution contains («k + nR)CA8x gram ions. 
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and therefore the force due to osmosis, acting upon each gram 
ion, is given by 

RT dC 
C dx’ 

dK 

When steady conditions are reached, let be the resulting 
electrical potential gradient, so that the forces acting on one gram 
kation and anion are — vrF-^ and + ’ "'^spectively. 

Thus the total force acting upon one gram ion is 

RT dC ^dK ^ ,, w 

^ vkF-t- for the kations, 

C dx dx 


and 


RT dC , . . 

— h vaF—^ for the anions. 
C dx dx 


If uk and ua represent the resulting velocities of the kations 
and anions, respectively, per unit force, the number, hNK, of 
kations, and, SNa, of anions which pass across the area ^ in a 
time interval 8^ are given by 


hNK = — ukhrCA 


and 


hNA = - uatiaCA 


RT dC 
C ' dx 


RT dC 

s - I*'- 




But in order that there shall be no collection of free electricity 
in any part of the solution, equivalent quantities of the two ions 
must pass across any section in the same time, so that 

hNK ^Na 


tik 


riA 


I.e., UK 


XRT ^ 
I C ' dx 

-S' 


: 1 SFT dC 

/ UK — Ua \RT dC 

\UKVK "1“ Ua ^A' C dx 


Hence, ^ ^ 

siv = = — = - r ART^ht (103) 

UK UA \-UKVK UA ^A J dx 

where hN is the number of moles of solute passing the section 
in time ht. Thus, comparing equations (102) and (103), 

UK VK ^ Ua ^A j 


SAr = 


hNK 

UK 
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If Ua and Uk are the velocities generated when unit force acts 
upon one gram-equivalent of ions, then 

Ua — ua'va and Uk = uk^k-, 

“ - tTFTrcLi + 

For uni-univalent electrolytes vk= pa = i, and 


D = 




(104) 


Thus if Uk and Ua are known, the coefficient of diffusion, D, 
may be calculated. 

To illustrate the agreement between the calculated and 
experimentally determined values of D, let us consider the case 
of sodium chloride, in which the equivalent conductances of the 
sodium and chloride ions, at infinite dilution and 18® C., are 43*48 
and 65*54, respectively. The actual velocities, expressed in 
cms. per sec., of these ions when subjected to an electrical 

potential gradient of one volt per cm. are, therefore, and 

96,491 

96^49^ , respectively. But this gradient gives rise to a force equal 

to 9,649*1 X 10* dynes, acting upon each gram-ion of the sodium 
and chloride ions, so that 


and 


Uk = UK = j—T — i = 4*67 X 10*^® 

(96,491)2 X 10’ ^ ' 

Ua = UA = r~7 — = = 7*04 X 10-^® 

(96,491)2 X 10’ ' ^ 


cm. per sec.. 


cm. per sec 


Thus taking R — 8*315 x 10’ ergs per mole, and the second 
as the unit of time, the diffusion coefficient of sodium chloride 
in very dilute solutions, at i8° C., is equal to 1*358 X lo"® C.G.S. 
units. For convenience, however, the day is taken as the time 
unit, so that in this case the value of the diffusion coefficient 
becomes 1*174, which agrees very well with that determined 
experimentally at a concentration o*oi normal, namely, 1*170. 

It has been assumed, so far, that the solute is completely 
ionised in solution. If this is not the case the neutral molecules 
will also diffuse, but at a rate which is, in general, different from 
that of the ions ; usually their diffusion coefficient is less. Haskell,* 

• Pkys. Rev., 27 , 145 ( 1908 ). 
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working with o-i normal solutions of thallium sulphate and 
barium nitrate, found that the diffusion rate of the undissociated 
molecules was only one half that of the ions, and from this we 
conclude that the viscous drag acting upon the molecules is double 
that encountered by the ions. 

Some of the values of the diffusion coefficients, determined 
experimentally for various electrolytes in water, are given in 
Table XLVII.* In these measurements the second is taken as 
the time unit. 

TABLE XLVII. 

Diffusion Coefficients of Electrolytes in Water at 18® C. 


Strength of SolutioD. 
Gram. Equivalents 
per Litre* 

Difiuston Coefficient, D X lo^ C»G*S, Units. 

KCL 

NaCl 

KNO,. 

1 

1 

KOH. 

LiCL 

CHjCOOH. 

• 

0-05 

1-55 

1-26 

J -45 

1 

2-17 

X *12 

I *04 

0*10 

152 

1*24 

1-43 

2‘15 

1*10 

I 03 

0-20 

1*50 

I ‘22 

1-39 

2-13 

— 

I 00 

0 ‘ 4 o 

1*50 

I *20 

1*34 

2-13 


I *00 

o*6o 

1*53 

I‘ 2 I 

1-30 

2-14 

I *00 

I 00 

o*8o 

1-55 

1*22 

1*27 

2-14 


0*99 

I'O 

158 

123 

I 24 

215 

1*07 

0*97 

1*5 

I -65 

I ‘26 

i‘i9 

217 

1 


2*0 

I 74 

1‘29 

115 

2‘20 

I 07 


2*5 

1*83 

1*33 

117 


— 

— ' * 

3’0 

1-93 

1*36 

— 




3-5 

203 

I ‘39 

— 




4'0 

213 

X ‘43 



1*11 


4 -S 


I 46 





5*0 


i ‘49 


j 




From these results it will be observed that those electrolytes 
which have the greater conductances also possess the higher 
diffusion coefficients, while in certain cases the diffusion coefficient 
actually increases with concentration. This fact may be partly 
explained on the solvation theory. As the concentration is raised, 
the number of solvent molecules attached to an ion decreases so 

that the ionic velocity is increased. 

The diffusion coefficient of an electrolyte, diffusing into another 
electrolyte, is greater than when diffusion takes place into pure 
water, the electric potential gradient set up within the solutions, 
owing to the different velocities of the constituent ions, acceler- 
ating the diffusion process. Thus Arrhenius f found that a 104 

• See Clack, Proc. Phys. Soc., 36 , 331 (1923) ; Oh6lm, Zeits. phys. Chem., 
60,309(1904). 

ilbid ., 10, 51 (1892)- 
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normal solution of hydrochloric acid, diffusing into water, had, 
at 12° C., a diffusion coefficient equal to 2*09, whereas when it 
diffused into a 0-085 normal potassium chloride solution, the 
coefficient was 2*51, and became still greater as the strength of 
the potassium chloride was raised. Some of his results for the 
inter-diffusion of different electrolytes at 12° C. are given in 
Table XLVIIL The day is the unit of time. 

TABLE XLVIIL 

Diffusion Coefficients of Electrolytes Diffusing into Other Electro- 
lytes. 


Difiiising Electrolyte {A). 

Electrolyte into which 
(A) Diffuses. 

DiflustoQ Coefficieat of (A). 

104N HCI 

Water. 

2-09 


0-75N KCl 

4-22 

ff 

0-028N KCl 

2-27 

ft 

o-iN NaCl 

2*50 

f f 

0-67N NaCI 

3 * 5 * 

ft 

0 085N BaCI, 

2-46 

ft 

o* 75N BaCl, 

4*12 

o'ssN HNO3 

Water. 

1*91 

ft 

o*iN KNO3 

a *59 

ft 

0 -5N KNOa 

3*70 

0‘49N KOH 

Water. 

1-70 

II 

o osN KNO, 

1*91 

ft 

o-sN KNO, 

2*54 

ft 

o-sN KCl 

2-57 


Nemst,* on theoretical grounds, considered that the relation 
between the diffusion coefficient and temperature could be ex- 
pressed by means of the formula, 

D( = Dig[i -|- — 18)], 

where and are the values of the diffusion coefficients at 
C. and 18° C., respectively, and p is the diffusion temperature 
coefficient. For most neutral salts p = 0*026, and Oholm f 
found that its value for different electrolytes increased, as the 
value of the diffusion coefficient decreased. He concluded that 
P was equal to the sum of the temperature coefficients of 
osmotic pressure and electrical conductivity. The values of D, 
as determined by Stiles, J for normal solutions in gels at different 
temperatures, are shown in Table XLIX. : — 


• Zeits. phys. Chem., 2 , 613 (1888). 

X Proc, R€fy, Soe., A, 103 , 260 (1923). 


•f Loc. cit. 
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TABLE XLIX. 

Diffusion Coefficients at Different Temperatures. 


Salt 

DtSusion Coefficient, D x lo^ C,G.S. Units. 

0“ c 

20** c. 

30“ c 

1 

40 » C. 

NH4CI 

0*93 

1-63 

2*07 

249 

LiCl 

0*70 

124 

158 

*•93 

KCl 

0*94 

1*64 

2 07 

250 

NaCl 

0*78 

*'39 

1*77 

2*20 

CaCl» 

0*65 

1*16 

1 *48 

*•83 

BaCl, 

0*66 

i*i6 

I '48 

I ’80 

MgCl, 

o*6t 

fI 2 

I '42 

1 

-73 
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CHAPTER VI. 

CELLS AND ELECTROMOTIVE FORCE. 

74. Introduction. — In the preceding chapters we have dealt 
with the dissociation theory' as applied to electrolytes, and by means 
of it we developed the laws which regulate the equilibrium of 
homogeneous electrolytic solutions. We now pass on to consider 
the free energy reactions that occur when an electrolyte passes 
from one dilution to another, and, in particular, we shall study 
the case where the ions are removed from one solution to another 
and are separated at the electrodes. 

According to Nernst * a metal possesses a tendency to pass 
into solution, the so-called characteristic solution pressure^ com- 
parable, for example, with the vapour pressure of a liquid, and 
if a metal rod is placed in water, metal ions carrying their 
positive charge of electricity pass from the metal into the liquid, 
the metal thus becoming negatively charged. As a result, a 
double layer of electrical charge is established at the metal-solution 
interface, and since the potential difference thus set up opposes 
further solution of the ions, equilibrium is finally established. On 
the other hand, the metallic ions now in the solution exert osmotic 
pressure, and are deposited upon the metal which, therefore, 
receives the positive charge associated with the metallic ions. 
Thus the true equilibrium state is attained when the tendencies 
of the metal ions to pass to and from the liquid are equal. The 
osmotic pressure is proportional to the ionic concentration but, 
in general, is not equal to the solution pressure, so that on the whole 
the metal receives a net electrical charge, the sign of which is 
positive, or negative, according as the osmotic pressure is greater 
or less than the solution pressure. The potential difference 
thus set up prevents further deposition, or solution, and 
equilibrium is attained. 

Although the Nernst conception accounts for the potential 
differences exhibited by metals when immersed in solutions of 
their salts, its adequacy has been disputed by many. The solution 
pressure of a metal, if such exists, depends not only on the metal, 

• Zeits. phys. Chem., 2 , 613 (1888) ; 4 , 129 (1889). 
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but also upon the solvent in which it dips, since it has been shown 
that the potential difference between metal and solution varies 
for the same metal in different solvents. It is difficult to imagine 
why an expansive force (solution pressure) within a metal should 
vary with the surrounding medium when the external force 
(osmotic pressure) is kept constant, or why it should not be 
effective when the metal is surrounded by air. But we obtain 
what seems to be conclusive evidence against the solution pressure 
theory by making a simple computation, either of the speed with 
which an ion would have to leave the surface of a magnesium 
electrode in water, even on the assumption that the solution 
pressure acts only through a molecular distance, or of the mass 
of the ions which a magnesium electrode would need to lose in 
water in order that the solution pressure may be balanced by the 
sum of the osmotic pressure and the electrostatic attraction. Both 
of these calculations give values which are not only absurd but 
impossible, the speed of the ion in the first case being greater than 
the velocity of light, and the mass of ions lost in the second case 
being such that the density of the solution would be greater than 
that of the metal,* 

Ulrey suggested that taking into account the specific inductive 
capacity of the electrolyte does away with the necessity of the 
employment both of osmotic pressure and solution pressure. 
The transfer of ions between the metal and the electrolyte, he 
supposes, is brought about by electrical forces, the magnitude of 
which must depend, other things being equal, upon the specific 
inductive capacity of the medium. On the other hand, it is 
possible that in addition to the metal ions, electrons may pass 
from the metal into the liquid, and consequently the laws of 
dilute solutions should be applied to electrons within the 
electrolyte.t Kleeman J suggested that there is a transition 
layer present at the metal surface, produced owing to the differ- 
ence between the diffusion velocities of the positive and negative 
ions. The potential difference at the metal-liquid interface then 
results from a segregation of ions within this layer, and the 
tendency of the metal to pass into solution is a purely secondary 
effect as regards the production of this potential difference. 

Whatever the exact nature of the process, a potential difference 
undoubtedly exists, and if two metallic conductors are placed 
in an electrolytic solution, an electric current will flow along 
2 connecting them, provided that some difference exists 

• See Ulrey, Phys. Rev., 12 , 47 (1918). 

+ See Smits, The Theory of Allotropy. 

j Phys. Rev., 20 , 174 (1922). 
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between the nature of the metals constituting the conductors, 
or between the electrolytes which are in immediate contact with 
them. Thus a potential difference between the two conductors 
is created under any one, or more, of the following conditions : 
(a) two different metals in the same electrolyte ; (6) two different 
metals in different electrolytes ; (c) the same metal in different 
electrolytes ; {d) the same metal in a solution of the same 
electrolyte, the latter being at two different concentrations. For 
example, in a Daniell cell, 

y 

Zn I ZnS 04 || CUSO 4 I Cu, 

the zinc sends zinc ions into the solution to some extent, thereby 
becoming negatively charged, and some copper ions tend to 
precipitate upon the copper plate, charging the latter positively. 
The current flows, outside the cell, from the copper to the zinc, 
and, inside, from the zinc through the solution to the copper.* * * § 
Now the chemical potential energy of zinc is higher than that of 
copper, and since the electromotive force is a measure of the 
difference between chemical potentials, it seems necessary to say 
that the zinc electrode is the place of high electrical potenp'al 
and the copper electrode that of low electrical potential, in which 
case one must concentrate on the direction of the current through 
the solutions. On this basis the potential difference at the 
Zn I ZnS 04 interface would be given the positive sign. Ostwald f 
and Nernst % both used the positive sign for zinc. 

In connection with the sign -to be given to any^ particular 
electrode, it is interesting to note that Gibbs § considered the 
electromotive force of a cell as being equal to the difference in 
the values of the chemical potential of any ion, or apparent ion. 
at the electrode surfaces, multiplied by the electro-chemical 
equivalent of that ion, the greater chemical potential of a kation 
being at the same electrode as the greater electrical potential, 
and the reverse being true of an anion. This means || that when 
zinc ions go into solution at the zinc electrode, the decrease in 
the chemical potential of the zinc raises the electrical potential 

• In representing a voltaic cell, or a voltaic element such as CUSO4 | Cu, the 
positive electrode throughout this work will be on the right. A single veiric^ 
line indicates a metal-liquid interface, and a double vertical line, a liquid-liquid 
junction. In many cases a horizontal line will be drawn, the direction in which 
the arrow points representing the direction of the flow of positive electricity 
inside the cell. 

+ Zeits. phys. Chem.y 1 , 604 (1887)- 

I Zeits, Elektroc.t 7 , 254 (1900). 

§ Scientific Papers^ 1 , 333 (1906I. 

II See Bancroft, Trans. Amer, Electroc. Soc.^ 33 , 79 (1918). 
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of the solution, and that the copper ions deposited upon the 
copper increase the electrical potential of this metal. 

While the electromotive force of the cell is generated prac- 
tically entirely at the two metal-solution interfaces, it is balanced 
by the differences of the chemical potentials which give rise to 
the potential differences at these interfaces, and consequently 
it is only when the circuit is closed that we get equilibrium dis- 
turbed. the current passing outside the cell from the copper to 
the zinc. 

The equation of the cell may be written, 

2 n — ZnS04 (solution) CuSOj (solution) —?■ Cu = -j- 1*05 volts, 

showing that there is a gain of electrical potential when the electric 
displacement is from the left to right along the path indicated. 
In this way we represent the current as rising in potential on the 
whole in passing from the zinc to the copper through the cell. 
Further, we know that the zinc sulphate solution is positive to the 
zinc metal, while the copper sulphate solution is negative to the 
copper. Thus there is a decrease in the free energy in each of 
the steps from left to right as well as a decrease on the whole. 
If the internal and free energies of a system increase we must 
regard these changes of energy as positive, e.g.y there is an 
energy gain when a liquid evaporates, and this gain, which is 
equal to the internal latent heat, must be taken as positive. In 
a similar manner the energy gain in a chemical reaction must also 
be taken as positive. 

As regards the action of the Daniell cell, we can only say at 
present that some of the zinc goes into solution, carrying a positive 
charge with it. This process is one not merely of evaporation, 
as in the Nernst theory, but is, in part, assisted by the SO4 — 
ions which attract the Zn^'*" ions. Again, copper is deposited 
at the copper plate, not freely as a vapour might condense, 
since it is retarded by the attractions of the SO4 — ions in the 
solution.* 

75 . Reversible and Non-reversible Cells. — As a result of 
the chemical reactions that occur within the Daniell cell one gram- 
equivalent of zinc is dissolved, and an equivalent amount of copper 
deposited at the appropriate electrodes, when one faraday of 
electrical charge is taken from the cell, and, therefore, we should 
expect that under suitable conditions these chemical reactions 
would be completely reversed by passing one faraday through 


See Porter, B.A., Section A (1928). 
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the cell from the copper to the zinc electrodes. We can imagine 
a reversible system composed of the cell and some source of 
opposing electromotive force, the latter being equal in value to 
that of the cell. Under these circumstances no chemical actions 
occur, but if the electromotive forces differ, even by an extremely 
small amount, electricity flows from or into the cell, the direction 
of flow being determined by the relative values of the two electro- 
motive forces. Such a cell is said to be reversible. Within it 
there are no irreversible processes, such as the liberation of gas, 
production of heat, diffusion of ions and other similar effects. 

We may classify reversible voltaic cells into the following 
types : — 

{a) Chemical cells ^ in which chemical reactions are involved. 
The Daniell cell already discussed is an example of this class. 

( 6 ) Accumulators. In these cells the chemical ener^ contents 
are first increased by passing electricity into them, this increased 
energy being after\vards recovered as electrical energy. The 
ordinary lead accumulator is the best-known example of this type. 

(c) Concentration cells. They consist of electrodes of the same 
metal dipping into electrolytic solutions of different concentrations 
and containing ions of the metal, e.g.^ 

Ag i AgNOa (dilute) 1| A^NOg (concentrated) | Ag. 

{d) Oxidation and reduction cells. In this type the energy of 
oxidation and reduction processes, during which changes occur 
in the valency of the ions, can be made to supply an electric 

current, e.g.y 

Pt I SnCla (solution) |1 FeClg (solution) | Pt. 

In all of the above types the cell may be restored to its original 
state, but with the simple Volta cell 

> 

^ Zn I H 2 SO 4 I Cu 

zinc passes into solution and hydrogen separates at the copper 
electrode. If an electric current is sent through the cell from 
the copper to the zinc, copper is dissolved and hydrogen is again 
liberated, but at the zinc electrode. Under no conditions is the 
cell restored to its original state and it is said to be non-reversible 
or irreversible. An electromotive force, greater by an indefinitely 
small amount than the electromotive force of the cell, neither 
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reverses the direction of the current through it, nor the chemical 
reactions within it. 

76 . Calculation of the electromotive force of a 
reversible voltaic cell.— Thomson * calculated the electro- 
motive force of a Daniell cell on the assumption that the work 
done by the cell in maintaining the current is equal to the energy 
liberated when one gram-equivalent of zinc is dissolved and an 
equivalent amount of copper deposited, this energy being deter- 
mined by means of calorimetry experiments. The value obtained, 
I -086 volts, agreed closely with observed values. The method of 
calculating the electro-motive force of a reversible voltaic cell is 
as follows : — 

Since the Gibbs-Helmholtz equation of free energy, equation 
(5), is a linear one, it may be written in the form, 

^ = SE+ T±m). . . . (105) 

Let E be the E.M.F. of a reversible voltaic cell, and suppose that 
when N faradays of electricity pass through the cell, one mole 
of metal goes into solution at one electrode, and one mole of 
another metal is deposited from the solution upon the second 
electrode. For example, in a Daniell cell, one mole of zinc 
enters the solution from the zinc electrode and one mole of copper 
is deposited upon the copper plate when two faradays pass. 
The change, in the free energy is equal to — NFK, where E 
is positive if free energy is evolved, i.e,y if the reaction is a 
spontaneous one. Hence from equation (105), 

- NFE =SE- NFT^, 

pi 

hE being the increase in the internal energy of the cell. This 
increase will be the same if the final state of the system is reached 
in any other way, as, for example, by direct chemical action, 
and the energy equivalent of this increase can be determined by 
measuring the heat absorbed by the reaction. Let 7 /^, be this 
heat of reaction,t per mole, corresponding to the chemical changes 

which occur ; then we obtain, 

* 

P I 

NF ^ ‘ * 


• Collected Papers, 1 , p. 250. 
t If the heat is evolved then is negative. 
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If E is expressed in volts, in calories, and both metals are 
equi-valent, and of valency v, then, 

It will be noted that, strictly speaking, this equation refers only 
to constant volume conditions, whereas a cell reaction occurs 
under constant pressure conditions. In general, however, the 

volume changes are, if any, very small. 

Equation (107) may also be deduced with the aid of a Carnot 

cycle as follows ; — 

{a) Let A (Fig. 20) represent the initial state of the cell. 



Fig. 20. — Electromotive force of a voltaic cell. 


Allow it to generate v faradays of electricity under isothermal 
conditions, during which heat equal to h is absorbed from the 

surroundings. . r u 

(6) Thermally isolate the cell and obtain from it a further 

quantity of electricity. Since during this operation, BD, no 

heat enters the cell, the electrical energy supplied must come from 
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the internal energy and therefore the temperature of the cell 
falls from T to T — ST, the electromotive force decreasing from 

E to E - 

(c) Connect the cell to an external source of electromotive 
force and, keeping the temperature constant at T — ST, pass 

V faradays through it. This process is represented by DG. 

{d) Finally, thermally isolate the cell and send a further small 
amount of electricity through it, so that the cell is restored to its 
original state. 

This cycle is reversible, and therefore from Carnot’s principle, 

.ra-(E-§S7-y 

h T' 

or h = 

If, as before, — is the heat of reaction, />., heat evolved, and 

V faradays are associated with the reaction, per mole, the output of 
electrical work during the first operation in the cycle is equal to 
vFE, where 

— vEK + /i = //„, 

or - vFK + vFT~ = H,, 

whence equation (107) follows immediately. Thus the electro- 
motive force of a cell may be calculated from the heat of reaction 
that takes place within it. This result, which was first derived 
by Helmholtz,* has been tested by many workers. Cohen, 
Chattaway and Tombrock,*}' used the Daniell cell, 

Zn I ZnS04, |j CUSO4, 5H2O | Cu, 

and at 15® C. they found the heat of reaction (evolved) per mole 
to be 55,189 gram-calories when measured by means of calori- 
metry experiments. Their electrical measurements gave 

Ei 6 = 1*09337 volts and = ~ 0*000429, 

so that — — 56,089 gram-calories. 

From equation (106) it is evident that since, in general, — 
is not zero, the electrical energy obtained from a cell is not equiv- 

• Sitz. Ber. Berlin Akad., i, 22 (1882). 
t Zeits. phys. Chem.^ 60 , 706 (1910). 
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alent to the heat of reaction, but there is, in addition, a reversible 
evolution, or absorption, of heat energy within the cell equal, 


c)E 

numerically, to per faraday. This reversible heat effect, 

0 1 


which is not to be confused with the irreversible heat produced 
when the current passes through a resistance, the so-called Joule 
heating effect, has been determined for certain cells by Jahn.* 
His results are given in Table L. which also includes the values 
of the heat of reaction, H„. 


TABLE L. 


Heats of Reaction. 


Cells. 

E.M.R 

at 

dZ 

Hy (Calories). , 

1 

Reversible Heat Effect 
(Calories). 

o'" C 
Volts, 

dT 

1 ■ ' ■ 

Observed. 

Calculated. 

Observed. 

Calculated. 


Zn 1 ZnClj 

1 




— 4,660 

— 5.148 

+ looHjO j AgCl 1 Ag 
Zn 1 ZnBr, 

1 031 

— 0*000409 

— 52.170 

— 47.506; 

— 1,164 


+ 25H3O I AgBr 1 Ag 

00 

• 

0 

— 0*000 1 06 

— 39.936 

— 38.772 

— 1.334 

Cu 1 Cu(NO,)» 






-f looHjO II AgNOa 





1 

+ 8,920 

4 - 8,920 

+ looHjO 1 Ag 

0458 

+ 0*00071 

— 2 I , I 20 

— 30,040 

Pb 1 Pb(NO,)3 







+ lOoHjOIIAgNOa 



— 50,870 

— 42,980 


— 7,890 

+ looHjO 1 Ag 
Hg 1 Hg.O in 
o oiN KOH lIHgjCUm 
ooiNKClfHg 

0932 

— 0*000629 

— 7.950 

+ 11,386 


+ 7.566 

+ 11,276 

0-328 

+ 0*0018 

+ 3.820 


Hence the heat of reaction may be calculated from the ex- 
perimentally determined value of the E.M.F. of any galvanic 
combination, and if the heat of reaction of one of the constituents 
is known, that of the other may be calculated. For example, 
Obata -f measured the E.M.F. and temperature coefficients of 
cells of the type, 

Cd amalgam | Cdlj || Pblj | Pb amalgam, 

and from the results he determined the heats of formation of the 
cadmium haloid salts. The values thus obtained agreed with 
those found by means of thermo-chemical experiments. 

The electromotive force of a cell may also be calculated in 


• Wied Ann., 28 , 21 (1886). 
t Phys. Math. Soc., Japan Proc.t 3 , 136 (1921). 
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the following manner. Consider a cell such that, when v faradays 
of electricity pass, a reaction represented by 

njiA + hbB = nrY - 1 - tizZ . 

occurs. From equation (32) we have 

8^ = s^o + log 

But 8 ip ~ — vFE, and therefore, 

^ ^ RT, C/J' . 

^ cTttcT^’ ■ 


(108) 


where Eq is the E.M.F. of the cell when each of the substances 
is in its standard state. Thus, in a lead accumulator, 

Pb I H2SO4 I PbOa, 

the cell reaction is 

H2 (gas) + Pb02 + H2SO4 = PbS04 + 2H2O, 

and, if we express the concentration of a substance by the formula 
in square brackets, 

^ ^ RT, [HaO]* 

E log [h,S04][Hj]’ 

since the concentrations of the solid substances remain the same. 
Hence the electromotive force varies with the composition of 
the solution. 

We have also shown, equation (32), that 


and since 


Sl/»o 

Si/ffl 


= ~ RT log JV, 

= — vF'Eq, 

= Tf 


• (109) 


Noyes and Brann * formed ferrous nitrate and silver nitrate from 
the action of ferric nitrate on silver. From the measured con- 
centrations of the Fe^+, Fe'^'*"^ and Ag+ ions at the equilibrium 
state, they extrapolated to infinite dilution, and determined ^293 
to be 0-128, where 

[Fe^^][ Ag^] 

^298 [Fe-^+-»-] • 


Jour. Amer. Chem. Soc., 34, 1016 ( iqiz ). 
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Since v = i, we have from equation (109) that at 25° C. is equal 
to — 0-0528 volt. This agrees with the value found from 
electromotive force measurements. 

77 . Calculation of the potential difference at a metal- 

solution interface. — We have seen, previously, that if a metal 
be placed in a solution of its salt, there will be a potential differ- 
ence set up between the metal and solution which will vary with 
the concentration of the metal ions : the higher the concentration 
of the positive metallic ions in the solution the more positive will 
be the electrical charge on the metal, and, conversely, the lower the 
concentration of the metallic ions in the solution, the less positive 
will be the charge on the metal. Thus, as the osmotic pressure 
of the metal ions increases, the tendency of the metal to dissolve 
becomes less, and at a certain pressure no further tendency to 
dissolve exists. This critical pressure bears no relation to the 
limit set to the osmotic pressure of a solution by reason of the 
finite solubility of the salt. If the concentration of the solution 
exerting this critical pressure could be obtained, so that there 
would be no tendency for ions of the metal to enter, or leave, the 
liquid, we conclude that the metal and solution under these cir- 
cumstances would be electrically neutral to each other, and that 
no potential difference would exist between them. The value of 
this critical osmotic pressure is taken as the electrolytic solution 
pressure of the metal in the given solution. From this point 
of view the potential difference, tt, at a metal-solution interface 
may be calculated as follows : — 

Let P be the osmotic pressure of the ions in solution, and 
p the solution pressure of the metal, and let us assume that the 
ions obey the ideal gas laws, an assumption that is unjustifiable. 
Now a thermodynamic cycle can be performed, at constant tem- 
perature, by passing a current reversibly across the interface 
from a balancing applied potential difference. Suppose that 
P > p, the metal being positive with respect to the solution, 
and let v be the valency of the ions. Pass that quantity of positive 
electricity, which is associated with one gram-ion of the metal, 
from the metal to the solution. Electrical work will be done by 
the interface system equal to vFtt and there will be an tncretise in 
the number of metal ions in solution. 

Assuming the volumes of the liquid and metal to be so great 
that the introduction, or withdraw^, of one gram-ion of metal 
does not change the osmotic pressure, or the solution pressure, 
respectively, let be the volume occupied by one gram-ion of 
the metallic ions which disappeer at a pressure p, from the metal. 
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and appear at volume v, and pressure P, in the solution. Thus, 
the work done on the interlace system during this change is 

vFtT Pv 2 — pv^. 

The interface can then be restored to its original condition by 
allowing the ions, which have appeared in the solution, to 
expand isothermally from to and then adding them to 
the metal. The work done by the ions during this process is 

pdv. 

J Vf 

In the complete cycle these operations are reversible and can 
be performed isothermally, so that the gain of energy by the 
system is zero, hence, 

f vi 

pdv = o. 

t'l 

Assuming the laws of an ideal gas to hold, and remembering 
that the temperature is constant, 


Hence, 

or 

and we have 



a result first obtained by Nernst.* \f p > P then the left-hand 
side of this equation is negative. In other words, free energy is 
lost and electrical energy is gained when tt, the potential of the 
metal, is positive with respect to the solution. It will be more con- 
venient if we refer to this gain in electrical energy, in which case 


RT, P 

n = — = log — . 
vF ^ p 


(no) 


Since F = 96,491 coulombs, and R = 8 32 joules per mole, 
we have, at 18° C., 


/ u \ o-os8, P 

7T (volts) == — ^|og,o 


(III) 


from which it is evident that a ten-fold increase, or decrease, in 
the value of the osmotic pressure, is attended by an increase, 

or decrease, in tt of ° volt. 


* Zeits. phys. Chem., 4 , 150 (1889). 
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In solutions containing their own ions, the noble metals, such 
as gold, silver, copper, etc., acquire a positive potential, while metals 
like zinc, iron, nickel, etc., acquire a negative potential, so that 
the potential of a metal in contact with a solution containing its 
own ions is positive, or negative, according as P is > or < p. 

Metals which are positive to their solutions have a strong 
tendency to come out from the ionic form, and are therefore 
easily deposited, analytically, whereas if the metal has a strong 
tendency to form ions it becomes negatively charged, and is said 
to possess negative electro-affinity. An anode electrode which 
is positive to a solution of its ions has a strong tendency to form 
ions and the metal is difficult to liberate by means of electrolysis. 

This theory of solution pressure, according to which each metal 
has a tendency to throw off positive ions into its environment, 
has been strongly criticised because it is extremely unlikely that 
positive ions in the metal are only retained there presumably by 
the slowness with which equilibrium is reached. In addition, 
when the experimentally determined values of rr for different 
metals are compared with equation (no), it is found that 
enormous pressures for the alkali metals and extraordinarily 
small pressures for the noble metals must exist within the 
electrodes if the Nernst theory is true. Thus Lehfeldt • found 
that the solution pressures, expressed in atmospheres, were, for 
zinc, nickel and palladium, 9-9 X 10^®, 1*3 X 10® and 1-5 X lo"®®, 
respectively, and in order to permit at the electrode the pressure 
indicated for palladium the solution would have to be so dilute 
as to contain but one or two palladium ions in a space the size 
of the earth. No stable potential could be measured under such 
circumstances. On the other hand, Lehfeldt calculated that to 
produce the high pressure indicated for zinc 1*27 grams of the 
metal would have to pass into the ionic form per square centimetre, 
which is obviously impossible. This difficulty has thrown dis- 
credit on the Nernst theory, which has come to be regarded as 
only useful for the deduction of the logarithmic relationship. 

The ions in solution do not obey the laws which hold for ideal 
gases. Porter j* has shown that by taking the ions as following 
more nearly the law of a liquid, v is constant. 

Very much smaller values of p now correspond to a given experi- 
mental electromotive force. Without going as far as this, we can 

t Tram. Farad. Soe., 19 , 817 (i 9 * 4 )' 


• Phil. Mag.t 48 , 430 (1899). 
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adjust to the invalidity of the perfect gas laws by assuming another 
relationship which more nearly represents the behaviour of a 
gas. For example, we might employ van der Waal’s equation, 
simplified to 

V — b 

Substituting this value in the equation 

vFdiT = vdPy 

and integrating the result, we get 

/.) + priog|}. 

where 6 is a constant. This result again leads to more moderate 
values of p. 

78. Theories of the electrode potential. — The failure 
of the Nernst hypothesis has led investigators to consider other 
possible explanations of the metal-solution interface potential 
difference, and one of the most interesting theories is that 
which introduces the idea of the true Volta or contact potential 
difference. If two dissimilar metals are placed in contact, a 
potential difference is set up, and Volta maintained that the 
electromotive force of a cell had its seat in the contact potential 
difference between the metals and their respective electrolytes. 

Now electrons within atoms may be abstracted by various 
means, such as heating the metal or allowing ultra-violet rays 
to fall upon it, and the greater the retaining power of the atom 
for the electron, the more energy must the atom receive before 
the electron is liberated. This affinity of metals for electrons 
is termed electron affinity, </>, and its value can be calculated in volts 
for different metals, either by measuring the thermionic, or the 
photoelectric, emission from metals.* There is, in general, a differ- 
ence in the values of 4> for different metals, so that if two metal 
bars or strips are placed in a vacuum, the electrons will be drawn 
from the metal of lower electron affinity, and a difference in poten- 
tial, TTj_ ~ TTsy will occur between the metals, where — rrs — 

The metals must have perfectly clean surfaces, and it 

is for this reason that they are placed in a vacuum. 

If the values of <(> for different metals are arranged in order 
of magnitude, a series is obtained which is very much the same 

• See Richardson, Thermiomcs, and Allen, Photoelectricity. 
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as the ordinary electromotive order,* and it app.ars that there is 
some relationship between the electron affinity of a metal and its 
position in the electromotive series, but the fact that the potential 
differences existing at metal-solution interfaces are dependent upon 
the concentrations of the electrolytes concerned rules out the possi- 
bility of interpreting electrode-potential differences solely by re- 
ference to a quantity, which might otherwise be adequate to account 
for the Volta effect. 

On the assumption that the electromotive behaviour of metals 
is mainly determined by their electron affinities, Rideal f has 
derived a thermodynamic formula for the E.M.F. of a cell of the 
Daniell type, which reduces to the accepted form, when applied 
to concentration cells. It leads to the conclusion that the 
difference between the electrode-potential and the electron affinity 
of the metal is dependent upon the atomic volume of the latter. 
In so far as the relation can be tested, it appears to receive some 
support from the available data. 

Kleeman J supposed that the layer of solution adjacent to 
the metal plate is different from the rest of the solution in 
density, concentration of solute and in degree of dissociation ; 
and because of the difference between the diffusion velocities 
of the positive and negative ions, a segregation of the ions results 
which produces an electric field through the layer, and also charges 
the plate and the solution oppositely. These two fields, one due 
to the asymmetrical distribution of ions and the other due to the 
charge on the plate, together cause the potential difference 
observed between the metal and the solution. 

If the concentration of the metal ions in solution is less than 
corresponds to equilibrium, metal ions will leave the surface of 
the metal and pass into solution, thereby leaving the former with 
an excess of negative electrons, since it is generally agreed 
that metals are largely ionised into positive ions and free 
electrons. The effect of the negative charge is to retard the 
passage of positive ions away from the surface and to assist their 
deposition from solution. The rate of deposition will accordingly 
be increased and that of solution decreased ; consequently the 
electrical charge will accumulate until the two processes occur at 
equal rates. 

Butler § has shown that an adequate and physically acceptable 
basis for the Nemst formula is to hand when the conditions at 
the boundary surface of a reversible electrode are subjected to 

• See Rideal, Trans. Farad. Soc., 19 , 667 (1924). t Loc. eit. 

t Phys. Rev., 20 , 174 (1922). § Trans. Farad, Soc., 19 , 729 (1924). 
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statistical analysis. The considerations adv'anced are similar to 
those used by Langmuir in the theoretical treatment of the 
nineties of vaporisation and heterogeneous gas reactions. An 
equation is obtained in which the electrode potential is repre- 
sented as the sum of the heat absorbed in the passage of the 
metal ions into solution and a quantity which is determined 
by the statistical conditions at the surface of the electrode. His 
formula is, 


E . RT, , , RT, ^ 


(112) 


in which E is the total energy change during the transfer of metal 
ions from the metal to the solution, and is a small constant 



Fig. 21. — Butler's theory of electrode potential. 


characteristic of the metal. The first two terms are equivalent 
to the Nernst solution pressure. Butler’s hypothesis is as follows. 

If we imagine that the ions are fixed in definite positions 
within a metal, the force of attraction is highly localised, i.e., it 
falls off rapidly with distance as shown by the curve A (Fig. 21). 
Secondly, we have to take into account the attraction of the liquid 
upon the metal ions. This is greatest at the surface and falls off 
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on entering the liquid, curve B. The resultant of these opposing 
forces is given by curve C, with a balance point, in the general case, 
at Q. 

Now consider how this disposition of forces will be modified 
by the existence of a potential difference at the surface. There 
is no reason for supposing that the positive ions, which have 
passed into solution, and the negative electrons, left in the metal, 
constitute a rigid electrical double layer. Undoubtedly the positive 
ions in solution will tend to arrange themselves as near as possible 
to the negatively charged surface, and therefore the electrical 
attraction on a positive ion will be greatest at the surface, 
gradually falling off as we penetrate into the zone of excess positive 
ions within the solution. This attraction is represented by curve 
D, and the result of the superposition of this term on the others 
is given by the curve Ci with balance point Qj. 

If the total potential difference between the surface of the 
metal and the interior of the solution is tt, the work done by a 
positive gram-ion in passing from the surface into the interior 
of the solution is vEtt^ which is also equal to the area be- 
tween the curve D and the two axes. In order that a gram-ion 
from the surface may reach the balance point, it must do an 
amount of work equal to the area PiOQj. This is composed 
of two parts, the work done against the combined attractive 

process of the surface and the liquid in reaching Qi, and vtt Fy 
the work done against the electric field, tt' being the potential 
difference between the surface and the balance pointy. Hence 
the total work done in reaching the balance point is — vtt'F , 
and Butler gives the number of ions reaching it in unit time as 

e^=^N^AWTe' RT , 

where is the number of metal ions per sq. cm. in the surface 
layer of the metal, a^d A' is a constant. 

Similarly, in reaching Q, from the interior of the liquid, a 
gram-ion does work represented by the area QiCiR, where 

QiCiR = QCR - QiCiRCQ = -f im^'Fy 

tt'* being the potential difference between Qi and the interior 
of the solution. The number of ions reaching the balance point 
from the solution is then 

Wt' + yw"F 

9^^NsA^/Te Sr— . 

where Ns is the number of ions per c.c., and is a constant. 
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Wo' 


RT 


UV , y'R'W -r , NsA 

— + — m — = '“g 


Now Wo' — Wi = E, the heat absorbed in the passage of one 
gram-ion of the metal into the solution, and n tt" == tt, whence 
equation (112) follows at once. 

In view of the fundamental difference of attitude towards 
the Nernst conception, it is of interest to note that the equations 
derived by Rideal and Butler, for the potential difference, are of 

RT 

the same type, viz., tt = ^ H -p log/^M), In the one case 

<l> represents the electron affinity and /(M) the atomic volume of 
the metal, whilst in the other </> is the heat of solution of the ions 
and /(M) is a quantity which depends on the number of metal 
ions per square centimetre of the metal surface, and for which a 
simple kinetic interpretation is suggested. 

Heyrovsky * has also discussed the factors determining the 
Nernst potential, and by means of a thermodynamical argument 
has obtained a somewhat similar expression, 

77 - — -pr logp —p + ^log C, 


where H is the free energy of solvation of the electrode ions, 
and py which includes quantities which depend on the metal 
alone, is regarded as a real solution pressure. However, it may be 
noted that the electrode potentials, calculated by means of this 
expression, differ from the observed, much more widely than those 
obtained by assuming that the electrical energy is simply equivalent 
to the total energy of the cell, and it is concluded, from a somewhat 
similar argument, that the metal contact potential difference is 
small — not greater than o-z volt — which is contrary to a large 
body of experimental evidence. 

Heyrovsky f also regarded the electrode as being continuously 
bombarded by hydroxyl ions, some of which react with the 
metallic atoms on the surface to form a metallic hydroxide, which 
passes into solution. The electrode is thus left with a negative 
charge, which increases in amount until it abstracts as many 
positive metallic ions, per second, as are removed by the hydroxyl 
ions. The objection to this theory is that no other ion except 


* Jour. Phys. Ghent., 29 , 406 figas). 
t Proc. Roy. Soc., A, 102 , 628 (1922). 
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hydroxyl is considered as active. Furthermore, it is tacitly as- 
sumed that all metals acquire a negative charge when immersed 
in aqueous solution, and certain electro-capillary experiments, to 
be described later, show that this is not the case. 

79 . Variation of the electromotive force of a cell 
with concentration. — If we assume that a voltaic cell is 
composed of reversible galvanic elements, such as M | MX, 
MX II MiXj, MiXi I Ml, it is evident that the electromotive 
force of the cell is equal to the algebraic sum of the potential 
differences that exist across the various junctions. Thus in a 
Daniell cell we have the scheme. 


Zn I ZnS04 (solution) || CUSO4 (solution) 1 Cu, 

and there are four interfaces at which a potential difference exists. 
That at the CUSO4 (solution) 1 | ZnS04 (solution) interface is 
very small, and the same remark applies to the potential difference 
at the Zn | Cu junction (the Volta effect), so there remain the 
potential differences at the two metal-solution junctions. Thus, 
the electromotive force, E, of the cell is, from equation (no). 


E - ^ 1-8 + 1080 ■ 


(II3) 


where pi and are the solution pressures of the zinc and copper 
ions, respectively, and Pi and P2, the osmotic pressures of these 
ions in the respective solutions. As regards the signs used m 
this expression, it must be noted that when positive ions pass 
from the metal to the solution, the interfacial potential difference 
is written as negative, whereas it is denoted by the positive sign 
when the positive ions tend to pass from the electrolyte to the 
metal. The direction in which the positive ions tend to move 
is also that in which the positive current of electricity tends to 
pass through the cell, the movement of the ions with their as- 
sociated charge constituting the current. For normal solutions 

RT P 

of the two electrolytes at 18° C., the values of log and 

RT P 1. 

__ log — - are — 0*522 volt and 0*581 volt, respectively, so that 

vF P2 

E is equal to 1*103 volts. Since equation (113) may be written 
in the form, 




• ( 1 * 4 ) 
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or.at,8°C.. E = ^«[log.„ g + log,„ J?]. . . (1,5) 

it is evident that the value of the electromotive force will increase 
as P2 rises and decreases, i.e.y as the concentration of the copper 
sulphate solution is raised, and that of the zinc sulphate solution 
lowered. If Pj ~ -^2 = /*2» E = o, and there is neither 

deposition nor solution of ions at either electrode, the interfacial 
potential difference in each case being zero. As a rule the varia- 

P 

tion in the value of the term logio with change in concentration 

IS small, since if or Pj is changed a hundred-fold, v being equal 
to two for the Daniell cell, the corresponding variation in the 
value of the term is only 0*058 volt. 

The influence of concentration upon the value of the electro- 
motive force of any cell may also be expressed in a slightly different 
manner thus : 

Let 7 Ti be the potential difference at a metal-solution interface, 
the concentration of the solution being C,, so that the osmotic 
pressure can be written equal to ACj, where A is a constant. If 
j'l is the valency of the ions and pi the solution pressure, then 
from equation (m), 




Pi ’ 


and for another metal-liquid interface, 




kC^ 

P2 


If the concentrations are changed to Ci and Cg', respectively, 



and 



so that the E.M.F., E', of the cell, formed with the two voltaic 
elements at the second concentrations, is given by 




+ o-o 58[^ log 


10 




the liquid-liquid junction potential difference being neglected. 




E -f o* 
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electrolytic conduction 


E is the E.M.F. of the cell at the electrolytic concentrations Ci 
and Cj, the metals in both cases being assumed positive with respect 

*^For sparingly soluble salts, such as silver halides, the osmotic 
pressure is small, and therefore the E.M.F. of a cell of the type 

Zn I ZnSOi (solution) |1 Ag salt (solution) | Ag 

varies with the nature of the silver salt. If P is small, as it is for 
the chlorides, bromides and iodides, then from equation ( 11 ^ 3 ) 
we should expect the E.M.F. to be less than if the more soluble 
salts, such as silver nitrate, etc., are used. This conclusion 
verified as shown by the following results 

silver salt sulphate nitrate chloride bromide iodide 

E.M.F. (volts) 1-54 1-53 i ° 9^ ° 7^ 

Similarly, any process which lowers the solubility, such as adding 
S"er silt’s containing a common anion, will still further decrease 
the electromotive force. Potassium cyanide, added to the copper 
sulphate solution in a Daniell cell first precipitates the “ppw 

and then redissolves it in excess, the VVZv the doublf 

the blue coloration indicative of copper ions. Probably the double 

cvanide KoCu(Cn )4 is formed which is dissociated to a minu 
S^i^t info Cu- ions. Thus the concentration of the copper 
ioTL lowered so much that the potential of the copper electrode 
is reduced below that of zinc, and the current in the cell, 

> 

Cu 1 KCN (solution) |1 ZnS 04 (solution) | Zn, 

does not pass in the expected direction, but from the copper to 
the zinc through the solution. 


80 Standard electrodes. — The electromotive force of any 
cell is composed of at least two parts, namely, the potential 
differences existing at the two liquid-metal junctions, and in 
order to measure the potential difference at any solution-metal 
junction there must be incorporated with the junction another 
solution-metal interface of which the potential difference is 
known, or is zero. This standard electrode y or half -cell as it is 
sometimes called, must have a constant potential difference, it 
should be easily set up, and, to act as a standard, it must yield 
reproducible values of the potential difference under the same 
concentration and temperature conditions. In addition, it should 
possess as small a temperature coefficient as possible. 

One such type of standard electrode is the calomel hcdf-cellt 
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commonly called a calomel electrode^ and shown in Fig. 22. A 
pool of pure mercury is covered with a layer of very pure calomel, 
Hg2Cl2, and over all is a solution 
of potassium chloride, having a 
definite concentration, and satur- 
ated with calomel. One of three 
concentrations of potassium chlor- 
ide is usually employed — either 
0*1 normal, I’O normal or a 
saturated solution of potassium 
chloride — and half-cells with these 
concentrations are usually referred 
to as tenth normal^ normal and 
saturated calomel electrodes^ re- 
spectively. External connection is 
made by means of a platinum wire 
immersed in the mercury. Mer- 
cury ions are deposited from the 
solution upon the mercury elec- 
trode, which thus becomes posi- 

Fig. 22.— The calomel electrode 

of the electrode in these three half-cells, at a temperature C. 
are given by means of the following formulae : — * 

Normal calomel electrode : 

>■ 

I'oM KCI saturated with HggCla, Hg2Cl2 (solid) | Hg, 

— 0*5606 H- o*ooo6 (t — 18) volt. 

Tenth normal calomel electrode : 

> 

o*iM KCI saturated with Hg2Cl2, HggClj (solid) | Hg, 

TTj = o* 6 i 2 i + o*ooo8 (t — 18) volt. 

Saturated calomel electrode : 

V 

KCI (saturated solution) saturated with HggClg, 

HgaCIa (solid) | Hg, 

TTf — 0*5266 -f 0*00020 (t — 25) volts. 

• Fales and Vosburgh, Jour. Amer. Chem. Soe., 40 , 1291 (1918) ; Fales 
and Mudge, ibid.^ 42 , 2434 (1920). 


tively charged. 

The values of the potential 
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Hydrochloric acid is sometimes substituted for the potassium 
chloride. Thus Pales and Mudge * quote the following values 
for the electrode potential of calomel half cells containing this 

acid, at 25° C., 


i-oM HCl saturated with HgjClj, HgjClj | Hg . 
o-iM HCl saturated with HgjCU, HgjClj | Hg . 


. ■ 0 5567 volt. 
. . o-6i68 volt. 


These values are based largely on Palmaer’s value.f 0-560 volt, 
for the absolute potential of mercury in contact with i-o normal 
KCl saturated with calomel, in the presence of solid calomel at 
18° C. This result is not generally accepted, since it has been 
shown that the value does not represent the absolute potential ot 
the mercury. For this reason it has been agreed that soine one 
half-cell sl^ll be made the standard of reference. The hypothetical 
normal hydrogen electrode has been agreed upon as a standard o 
reference, and potentials of calomel half-cells are now referred 
to that standard as having zero potential difference. 

81 The normal hydrogen electrode. — So far we have 
considered the potential difference that existe at the junction of 
Tmetal and a Llution of its salt. This effect is not confined 
to metals, but various gases are found to act m a similar ^^nner, 
when means are devised to bring them into a form, as easily h^dled 
as are metal electrodes. Hydrogen is the most important of these 
gases, and the way in which it can be utilised to act as an e ectro- 
^ntivelv active eas, is to absorb it in a metal such as platinum, 
palladium, or iridium which, in a finely divided condition holds 
large quantities of hydrogen. A metal, thus loaded with hydrogen, 
foms what is termed a hydrogen electrode. It can be brought 
into equilibrium with hydrogen ions in a solution m the same 
manner as mercury is brought into equilibrium with mercury 
ions ; the higher the concentration of the hydrogen ions in the 
surrounding solution, the more positive becomes the hydrogen 
electrode. Provided that the hydrogen gas pressure around the 
electrode, and the concentration of the hydrogen ions within the 
solution, both remain constant, we have, between the electrode and 
the solution, a potential difference which remains constant, as long 
as the physical conditions remain constant. In addition, it is easily 
reproduced. The electrode will, therefore, form a standard of 
potential against which the potential difference at any other 
metal-solution interface can be measured, provided that me 
latter can be suitably combined with the hydrogen electrode. 

t ZeiU. phys. Chem., 59, laQ (>907)- 


• Loc. cit. 
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We may define the potential of the latter as zero at all temperatures, 
other electrode potentials being expressed in terms of the hydrogen 
electrode potential as zero. In practice, the hydrogen is under 
one atmosphere pressure, and the electrode — platinised platinum 
— dips in a normal solution of hydrogen ions, i.e.^ one containing 
i‘Oo8 grams of hydrogen ions per litre of solution. 

Assuming that 0*560 volt is the absolute potential of mercury 
in contact with i*o normal KCl, saturated with calomel, in the 
presence of solid calomel at 18° C., Fales and Vosburgh quote 
the following values for the hydrogen electrode potential : — 

II i-oM HCl [ H2 (i atmosphere), Pt . 0-2777 volt. 

II o-iM HCl I H2 (i atmosphere), Pt . 0-2179 volt. 

Lewis and Randall,* defining the normal calomel electrode as 
the combination, 

j| o-iM KC! II iM KCI, HgaCh | Hg, 
determined, at 25® C., the E.M.F. of the cell, 

^ 

Pt, H2 (i atmosphere) | N |1 normal calomel electrode, 


to be 0-2822 volt. If we take the absolute potential of the 
normal calomel electrode to be 0-5648 volt at 25® C., the absolute 
potential of the normal hydrogen electrode is + 0-2826 volt. 

The influence of the partial pressure of the hydrogen gas on 
the hydrogen-electrode potential has been investigated by Loomis 
and Acree. The results show that in the neighbourhood of 
atmospheric pressure, the influence of the partial gas pressure 
on the potential of the hydrogen electrode can be expressed by 
means of the formula,f 



where and Pi are the partial pressures of the gas. The 
average change in potential was found to be 0-00001751 volt 
per mm. of mercury pressure change, and this value agreed closely 
with that calculated by means of the above formula, namely 
0-00001746 volt. 

To prepare the hydrogen electrode, a preliminary plating of 
gold on platinum foil is recommended by Lewis, Brighton and 
Sebastian, J since gold, unlike platinum, does not absorb large 


* Jour. Amer. Chem. Soc., 38 , 2391 (1916). 
XJour. Amer. Chem. Soc., 39 , 2245 (1917). 


t See section too. 
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amounts of gases, and therefore comes to the equilibrium state 
more quickly. For the actual plating of the platinised-platmum 
electrode, Popoff, Kunz and Snow * recommend that, if it is an 
old one, it should be cleaned by electrolysing a concentrated 
solution of hydrochloric acid, using the electrode as the anode. 
If it is a new one, it may be cleaned in hot alkali. After the clean- 
ing process, it is made the kathode during the electrolysis of a 
dilute potassium cyanide solution of gold, and then, still acting 
as the kathode, a 3 per cent, solution of chloroplatinic acid, con- 
taining 0'5 c.c. of O’iN lead acetate in 100 c.c., 
is electrolysed for five minutes. With the 
electrode as kathode, a dilute solution of 
sodium hydroxide is electrolysed for a few 
- seconds, and afterwards follows electrolysis 
^ in dilute sulphuric acid for one minute. 
Finally, the electrode is washed with distilled 
water. Other workers, however, prefer their 
own method of preparation. In use the 
hydrogen electrode is immersed in an acid 
solution, hydrogen gas being bubbled through 
the solution and around the platinum, until 
the measured electromotive force of the cell, 
of which the electrode forms part, is con- 
stant. Usually, after the gas has bubbled 
through for about thirty minutes, equilibrium 
is attained. There are many forms of hydro- 
gen half-cell, but that shown in Fig. 23 is 
extensively used. Hydrogen gas enters by 
the inlet A, and bubbles past the electrode B. 
^ ^ ^ In this manner the gas can be maintained at 

**gen\lectrode/ atmospheric pressure. It is found that the 

shape and size of the cell determine the time 
taken to reach equilibrium. The speed of attainment of this 
condition is also determined by the traces of impurities, such as 
oxygen, which may be present. 

Two hydrogen half-cells may be combined to form a hydrogen 
concentration cell by allowing siphon tubes to pass, from each 
half-cell, into an intermediate vessel which contains a normal 
acid solution, the gas pressure in the two half-cells being different. 

82 . Working standard half - cells. — It is more con- 
venient to substitute for the hydrogen half-cell a working standard ^ 



Jour. Phys. Chem., 32 , 1056 (1928). 
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such as the calomel half-cell. The latter may be joined, by means 
of a suitable bridge, to the standard hydrogen half-cell, and the 
electromotive force of the combination measured. By combining 
the working standard half-cell with any other half-cell, the potential 
difference at any metal-solution junction can be determined with 
reference to the working standard, and finally referred to the 
standard hydrogen electrode as the zero of potential. The 
system, 

Pt, Ho (i atmosphere) | HCl (o-iM) 1 | KCl (o-iM), HgaClg | Hg, 

has been carefully studied by several workers. The results which 
have been obtained at 25® C., after correction for the vapour 
pressure of the solution, give a mean of 0-4272 volt,* This value 
includes the contact potential existing between o-i molal HCl 
and o-i molal KCl, Lewis f calculated that this potential 
amounts to 0-0284 Bjerrum | obtained the value 0-0278 

volt. 

The electromotive force of this type of cell varies with the 
temperature. Ellis § measured the E.M.F. of the cells, 

Pt, Hg (i atmosphere) 1 HCl (solution), HggClg | Hg, 

at 18° C., 25° C. and 35® C., the concentration of the acid varying 
from 0*033 4*5 tnolal. His results are given in Table LI. . 

TABLE LI. 


E.M.F. OF Hydrogen — Calomel Cells at Different Temperatures. 


Moles of HCl in looo Gms. of Water. 

E.M.F. (Volt) at 

18* C 

25“ C. 

35 “ C. 


0-15759 

1 

0-15506 

1 0*15124 

*T ^ 

I * Q 2 l 0 

0-23769 

0-23589 

0*23304 

m ^ a ^ 

I *038 I 

0-27919 

0-27802 

0*27595 

0-77137 

0-29654 

0-29571 

0*2941 1 

O'KOQAO 

0-31912 

0*31865 

0-31765 

0*33757 

0-33845 

0*33836 

0*33794 

0*10040 

039764 

0*39884 

0*40013 

0*03332 

0-45020 

0-45258 

0*45557 

0*01001 

0-5271 

0*5302 

0-5369 


• See Loomis and Meacham, Jour. Amer. Chem. Soc., 38 , 2310 (1916). 
t Ibid., 36 , 1973 (i 9 * 4 )- t Elekiroc., 17 , 61 (1911)- 

^Jour. Amer. Chem. Soc., 38 , 737 (i9»6). 
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The various working standard electrodes, which are in general 
use, include the following : — 

(volt) at 


o® C x8® C 25"" C 

KCl (o-iN), HgaCljlHg . . . 0'337 0-337 0-337 

KCl (i-oN), HgsCIsjHg . . . 0*289 0-286 0*285 

Hg,S04(o-iN— 0-5N). Hg*S04|Hg . — 0-68 — 

KOH (i-oN), HgO|Hg . . 0-130 — 0-107 

NaOH (i*oN), HgOlHg . . 0*133 — o-iii 

NaOH (o-iN), HgOlHg . . 0-184 — 


Instead of these mercury electrodes another half-cell, Ag | 
AgCl, chloride solution, commonly called the silver-silver chloride 
electrode^ is in common use. Silver is deposited electrolytically 
upon platinum foil, and is then covered with an electrolj^ic de- 
posit of silver chloride. Scatchard * gives 0*0453 
for the potential of the cell, 

Hg I HgaCla, KCl (saturated) 1 | KCl (o*iM), AgCl | Ag, 

and 0*0466 volt at 25® C. for the potential of the cell, 

Ag I AgCl, KCl (o*iM) II KCl (o-iM), Hg^Ch \ Hg. 

The silver-silver chloride electrode has been used recently by 
Buckley and Hartley f in their work with methyl alcohol as the 
solvent in concentration cells. They found it to be very suitable 
as a reference standard, provided that it was freshly prepared. 

Another interesting electrode is that known as the glass 
electrode. If we have an arrangement such as this. 



the potential differences at a and a! are equal, and opposite, and 

if we suppose that the liquid-junction potentials at h and h* balance, 

there only remains that at the junction c. We can imagine that 

there is at c some material which permits the passage of a particular 

kind of ion between the solutions A and B, this ion passing from 

the place of higher to that of lower concentration. Representing 

this ion by the symbol X, the electromotive force of the whole cell 
is given by 



Haber and Klemenziewicz J found that, if a very thin glass par- 
tition were placed at c, the resultant E.M.F. of the cell agreed 
with that calculated from the above formula. The latter, however. 


^ your* Atnrr . Chem* Soc*^ 47 » 696 (i925). 
t PM* Mag*, 8 , 320 <1929)- t Zeits. pt^s. Chem., 67 , 385 (i909)* 
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expresses the experimental results only under particular condi- 
tions ; the kind of ions in solution, and the nature of the glass, 
both affect the results. The cell is used to measure the hydrogen 
ion concentration in different solutions, 

83 . The quinhydrone electrode. — Biilmann * has shown 
that the usual hydrogen electrode may, in several cases, be 
replaced by a quinhydrone electrode, formed by dissolving a small 
quantity of quinhydrone in the electrolyte under investigation, 
and placing a piece of bright platinum in the solution. The 
quinhydrone then represents a potential pressure of hydrogen 
which is constant, but very feeble. The quinhydrone electrode 
functions as a hydrogen electrode, with a hydrogen gas pressure 
of atmospheres at iS° C., and atmospheres at 

25° C. Against a hydrogen electrode, with a pressure of hydrogen 
equal to one atmosphere, it has a potential of 07044 volt at 18° C., 
the electrolyte being o-iN hydrochloric acid ; in other dilute 
acids very nearly the same potential is reached. 

Bulmann and Lund f have shown, further, that in more 
concentrated solutions the simple quinhydrone electrode may 
be replaced by an electrode which contains quinhydrone and 
an excess of either quinol or quinone. These electrodes are 
named hydro-quinhydrone and quino-quinhydrone electrodes, 
respectively. 

The quinhydrone electrode is so simply prepared, acquires 
its potential so rapidly, and preserves its constancy for so long, 
that it may usefully replace the hydrogen, or calomel electrode. 
Measuring the electromotive forces of cells such as 

Ft 1 Quinhydrone | Electrolyte I (i atmosphere) | Ft. 

Bulmann and Krarup | found that the relationship between the 
potential and the temperature was linear, and on plotting the 
results, the potential of the quinhydrone electrode, tti, at a 
temperature t° C. was given by * 

TTt = 7175 — 0-00074/. 

It has been used in methyl alcohol by Ebert, § who measured 
the hydrogen and quinhydrone electrodes, successively, in 
portions of the same solution against an aqueous calomel refer- 
ence standard. For the potentials of these electrodes, he obtained 
concordant values, 0-724 volt, at 18° C. Buckley and Hartley || 

• Ann. Chim., 15, 109 (192O. t 16, 327 (1921). ^ 

XJour Ghent. Soc., 125, 1954 (1924)- § Benchte, 58, 175 (* 925 )- 

II Phil. Mag., 8 , 320 (1929). 
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could not get steady values with methyl alcohol, the approximate 
values being o-7i6-o-7i9 volt. The E.M.F, of the cell varied with 
stirring, with the addition of further quantities of quinhydrone to 
the solution, and with heating the platinum electrode to redness. 

There are many forms of electrode vessels, but that shown in 
Fig. 24 is found to be very convenient for quinhydrone electrodes. 

The vessel contains three elec- 
trodes, isolated from one another. 
Measurements should be made 
with more than one electrode, 
as it is found in practice that the 
electrode is greatly affected by 
the presence of small quantities 
of impurities. 

84. Dropping electrodes. 
— Consider a vessel A (Fig. 25), 
containing an electrolytic solution 
into which dips a fine jet, B, the 
latter connected to a mercury 
reservoir. A fine jet of mercury, 
falling from B, collects on a pool 
of mercury at C, covered with a 
mercurous salt which prevents 
polarisation • at this interface. If 
the osmotic pressure of the mer- 
cury ions in the solution is greater 
than the so*called solution pres- 
sure of the mercury, there will be 
a deposition of positive charge 
Fig. 24.— Th^uinhydrone on the drop falling from the jet. 

electt e. Just before the drop breaks away 

it has received a deposition of 
positive ions upon it, and when the drop falls, they are carried 
awa;^with it. Hence the new mercury surface exposed in the jet is 
uncharged. This charging up of the surface takes place compar- 
atively slowly, so that if the drops follow one another very quickly 
there will be no time for the mercury ions to pass from the 
solution on to the mercury drop before the latter breaks away. 
For this reason Helmholtz j- assumed that the dropping electrode 
had no surface charge ; in other words, there is no potential 
difference between the mercury in the jet B and the solution 
immediately in contact with it. Thus with this arrangement 



See Chapter VIII. 


t Zeits. phys. Chem., 4 , 150 (1889). 
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the measured potential difference between the mercury electrodes 
C and B was taken as equal to that existing between the pool 
of mercury C and the surrounding electrolyte. 

Palmaer * pointed out that if the mercury ions did collect 
on the drop and were carried away with it, the concentration of 
the solution near the orifice of the jet would alter, and therefore 
the null potential difference between the jet and the solution 
would only occur if the osmotic and solution pressures were 



Fig. 25. — The mercury dropping electrode. 


equal. These conditions are not easily obtained, but ff the 
solution is, approximately, of the correct concentration, the falling 
mercury does, in time, bring about the appropriate conditions 
within the vicinity of the jet. The actual concentration of the 
mercury ions required was found to be very small. He used 
solutions of potassium chloride and potassium cyanide, each con- 
taining mercuric cyanide. The dropping electrode formed one 

• Zeits. phys. Ckem., 25 , 265 (1898) ; 28 , 257 (1899) ; 36 . 664 (1901). 
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half of a cell and a calomel electrode the other half, the electro- 
motive force of the cell, thus formed, being measured at different 
times. Assuming the potential of the dropping electrode to be 
zero, Jiis final result for the potential of the normal calomel elec- 
trode was 0*5732 zb 0-0003 ^ correction being applied 

for any liquid-liquid junction potential difference. He aho found 
that by adding certain substances to a o*iN KCl solution, he 
could reduce the observed potential difference between the still 
and dropping mercury until it became zero. 

Smith and Moss,* however, pointed out that Palmaer*s con- 
clusions were of doubtful validity. They examined several so- 
called null-solutions, for which the potential difference between 
the still and mercury dropping electrodes, in contact with the solu- 
tion, is zero, and found that the potential differences between 
different null-solutions and mercury are not the same. In their 
experiments they measured each potential difference against the 
potential difference of the junction Hg | KCl (o*iN), and also 
one null-solution against another. Their results showed that if 
the null-solution potential differences are assumed to be zero, 
then the values obtained for the potential difference Hg | KCl 
(o-iN) vary from about 0-53 to 0-79 volt. Accordingly, they con- 
cluded that the potential difference between mercury and these 
null-solutions is not necessarily zero. 

Smith f had previously measured the electromotive forces 
of cells Hg I KI II KCl | , in which the vertical arrow signifies 
the dropping electrode, and obtained the following results : — 

I KC1(o-5N) II KC1(o- 5N) | Hg.Cl^ | Hg = 0-522 volt. 

\ KI(o-5N) II KC1(o- 5N), Hg^CIa | Hg = 0-784 volt. 

I KI(o-5N) I) KI(o- 5N), Hg2l2 I Hg = 0-383 volt. 

I KCI(o-5N) II KI(o- 5N), Hgglg 1 Hg = 0*127 volt. 

The first and second of these values give 0-262 volt, and the third 

and fourth, 0*256 volt, as the potentials of the liquid junction, 

KI(o*5N) II KC1(o* 5N), whereas we know that this potential is 
extremely small. 

Nernst J worked out the theory of the dropping electrode in 
accordance with his idea of electrolytic solution pressure. The 
fresh surface of the mercury jet charges itself as it enters the 
solution, and hence removes mercurous ions from the solution 
or gives them off to it. The solution must, therefore, continue 
to become richer or poorer in mercurous ions at the point of entry 

• Phil. Mag., 15 , 478 (190$). 
f Phil. Trans., A, 193 , 47 (1900). 


X Loc. cit. 



CELLS AND ELECTROMOTIVE FORCE 


205 


of the jet until no further tendency to exchange is present, until, 
therefore, the osmotic pressure and the solution pressure of the 
mercury opposed to it balance each other. 

This view is only correct when the solution at the point of 
entry of the jet does not continually receive fresh mercurous ions 
by diffusion or convection, which would cause depolarisation of 
the mercury. Hence it is of advantage if the mercury jet itself 
only comes into contact with the solution over a ver^' small space 
and time interval. It follows from this theory that mercury salt 
must be carried over from the dropping to the stationary electrode. 
Every fresh drop entering the solution charges itself, that is, 
mercurous ions are, as a rule, deposited upon it ; and since a 
separation of anion and kation cannot occur, every drop is 
enveloped by a layer of anions. Below, where the mercury drops 
flow together, the salt carried down goes into solution. At the 
jet surface the concentration decreases, while below it increases. 
We should have, therefore, on account of the action of the 
interface potential difference, an electrical adsorption of the mer- 
curous salt at the mercury surface. It would be distinguished 
from ordinary adsorption by the fact that it is determined by the 
concentration of the mercurous ions, and that it is negative for 
very small concentrations of mercurous ions. 

85 . Normal electrode potentials. — An accurate know- 
ledge of the electrode potential, assumed by a metal in the 
presence of its ions within the surrounding solution, is important, 
since in many reactions the direction and value of this potential, 
relative to the electrolyte, determines the reaction. In practice, 
the metal-solution interface, the potential difference of which is 
required, is combined with a standard electrode to form a cell, 
and the electromotive force of the latter determined. The value 
thus obtained is the potential difference of the metal-solution 
interface, plus any liquid-liquid junction potentials occurring in 
the cell. If we neglect, eliminate, or calculate the latter, we ob- 
tain the potential of the electrode relative to that of the standard 
electrode. 

Assuming that the absolute potential of the normal hydrogen 
electrode, relative to the normal hydrogen ion solution in contact 
with it, is -h 0*2826 volt, the absolute potential, tt, of any electrode, 
and its potential referred to the normal hydrogen electrode, 
both at 25® C., are related as follows, 

77 = TTg + 0*2826, 

and referred to the normal calomel electrode, at 25 C., 

77 = ttq 0*5648. 
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In equation (no) we may put P equal to A[C], where A is a 
constant for any one metal, and [C] the concentration of the 
metallic ions in the solution which surrounds the metal. Hence, 

RT , k[C] 

^= 1 ^ '“g V> 


or 


^0+^ log [C] 


RT k 

where ttq, equal to log — , is the value of tt when [C] is unity, 

i.e.y when the concentration of the ions is normal. This constant, 
TTo, is called the normal electrode potential and is an important 
characteristic of an element. Its value, referred to the normal 
hydrogen or calomel electrodes as zero, may be calculated from 
experimentally determined values of tt. 

As an example, consider the case of the lithium electrode 
whose potential has been determined, at 25® C., by Lewis and 
Keyes.* A cell containing one electrode of metallic lithium and 
the other of lithium amalgam, and an electrolyte of propyl amine 
saturated with lithium iodide was used, lithium iodide being 
soluble, and lithium insoluble in this solvent. The electromotive 
force of the cell was 0*9502 volt. They then measured the elec- 
trode potential of the amalgam in aqueous solution, using the 
following type of cell : — 


0*0189 volt. 0*0070 volt. 

Li(amalgam)|LiOH(o*iN)||LiC!(oiN)l[KCl(oiN)|[KCl(ioN), 

HgjCLlHg. 

Its E.M.F. was 2*3952 volts, but this includes several liquid 
potentials of which the one between o*i normal KCl and 10 
normal KCl was neglected. These liquid potentials are inserted 
over the cell, and both oppose the main E.M.F. of the cell, 
and, therefore, the E.M.F., exclusive of liquid potentials, was 
2'3952 + 0*0259 = 2*4211 volts. If now we take the corrected 
degree of dissociation of o-iN LiOH as 0*74, we may calculate 
the E.M.F. of a similar cell containing lithium ions at normal 
concentration. Thus the E.M.F. of the cell, 

Li'*'(i-oN) [| normal electrode, 

is 2*4211—0-0669 = 2*3542 volts, and therefore the normal 
electrode potential of lithium amalgam against the calomel electrode 

•Jour. Amer. Chem. Soc., 36 , 340 (1913). 
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is — 2*3542 volts. To find the normal electrode potential of 
solid lithium, we need only to add the difference between the 
potentials of lithium and lithium amalgams given above, — 0*9502 
volt, and thus the normal potential of the lithium electrode is 

TABLE LII. 


Normal Electrode Potentials at 25* C. 


Electrode* 

1 

Potential in Aqueous Solutions, 
referred to 

Potential in Methyl Alcohol 
Solutions, 

referred to 

Calomel Scale. 

1 

(volts). 

Hydrogen Scale* 

Calomel Scale. 

(volts). 

Hydrogen Scale. 

I. Li, Li+ 

— 3*2400 ! 

- 2*9578 



2. Rb, Rb+ 

— 3-2064 

— 2*9242 



3. K, K+ 

— 3*2046 

— 2*9224 



4. Na, Na+ 

— 2 9948 

— 2*7126 

— 3*010 

— 2*728 

5. Mg, Mg++ at 18® C. 

— 2*148 

— 1*866 



6. Zn, Zn++ 

— 1*0403 

— 0*7581 



7. Fe, Fe++ 

— 0*723 

— 0*441 



8. Cd, Cd++ 

— 0*6814 

— 0*3976 

~ 0*540 

— 0*258 

9. Tl, T 1 + 

— 06158 

— 0*3336 

— 0*66 1 

*- 0*379 

10. Ni, Ni++ 

— 0*527 

— 0*245 



ii. Sn, Sn++ 

— 0*428 

— 0*136 



12. Pb, Pb+ + 

— 0*414 

— 0*122 



13. Pt.Hj, H+ 

— 0*2822 

0 

— 0*2822 

0 

14. Cu, Cu+'^ 

-f 0*0647 

4 - 0*3448 

+ 0*208 

4 0*490 

IS* Hg, Hg,+ + 

+ 0*5106 

H- 0*7986 



16. Ag, Ag+ 

4* 0*5065 

+ 0*7995 

+ 0*482 

4- 0*764 

17. Pt.Oj, OH- 

•f 0*1154 

4 - 0*3976 



18. Pt.I„ I- 

4* 0*3560 

4 - 0*5382 

4- 0*087 

+ 0*369 

19. Pt.Br,, Br“ 

+ 0*7837 

4- 1*0659 

+ 0*567 

+ 0*849 

20. Pt.Cl,, Cl- 

4- 1*0772 

1 

+ I- 3 S 94 

+ 0*846 

-i- 1*128 


1. Lewis and Keyes, Jour. Amer. Chem. Soc., 35 , 340 (19*3)* 

2. Lewis and Argo, ibid., 37 , 1983 (1915). 

3. Lewis and Keyes, ibid., 34 , 119 (1912). 

4. Lewis and Kraus, ibid., 32 , 1459 (1910). 

5. Beck, Rec. trav. ckim., 41 , 353 (1922). 

6. Horsch, ybur. Amer. Chem. Soe., 41 , 1787 (1919). 

7. Richards and Behr, Zeits. phys. Chem., 68, 301 (1907). 

8. Horsch, loe. cit. 

9. Gerke, see Lewis and Randall, Thermodynamics. 

xo. Haring and Bosch, your. Phys. Chem., 33 , 161 (1929). 

11. Noyes and Toabe, Jour. Amer. Chem. Soe., 39 , IS 37 (* 9 * 7 )* 

12. Gerke, toe. cit. 

13. Beattie, ibid., 42 , 1128 (1920). 

14. Lewis and Lacey, ibid., 36 , 804 (19x4). 

IS* Linhart, ibid., 38 , 2356 (1916). 

16. Noyes and Brann, ibid., 34 , 1016 (19x2), and Kolthoff, Z. anorg. Chem., 
119 , 202 (1921). 

17 * Lewis and Randall, toe. cit. 

18. McKeown, Trans. Farad. Soe., 17 , 517 (1922). 

19. Lewis and Storch, your. Amer. Chem. Soc., 39 , 2544 (1917). 

20. Lewis and Rupert, ibid., 33 , 299 (191 1). 
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— 3*3044 volts, referred to the calomel electrode as zero, or 

— 3*3044 4- 0*2822 = — 3*0222 volts, referred to the normal 
hydrogen electrode as zero.* 

The normal electrode potentials at 25° C. of varipus electrodes, 
referred both to the normal calomel electrode, tt^, as zero, and 
to the standard hydrogen electrode, as zero, are given in 
Table LIL, a positive sign indicating that the metal is the positive 
electrode in a cell formed by combining the electrode with the 
standard electrode. Buckley and Hartley have recently deter- 
mined the normal electrode potentials at 25° C. of a few electrodes 
in methyl alcohol as the solvent, and these are included in the 
table. All values refer to unit activity of the ions. 

The normal electrode potentials, and the potentials of various 
half-cells, both on the hydrogen and normal calomel scales are 
shown in Fig 26. In addition, the supposed absolute potentials 
of these electrodes are indicated in the diagram. 

The sequence in which the elements are arranged in Table LIL 
is that of the electromotive series and all metals with an electrode 
potential less than that of hydrogen displace hydrogen ions from 
solution. The electromotive force of a cell formed by com- 
bining any two normal electrodes is equal to the algebraic sum 
of their electrode potentials, due attention being paid to the 
direction of potential increase within the cell. Thus the electro- 
motive force of the cell 


Zn I Zn-^^ II Ag^ | Ag 


is equal to 0*7887 — (— 0*7581) = 1*5468 volts. 

A knowledge of one single potential difference is sufficient 
for the evaluation of all other potentials, as long as the solvent 
remains the same. When we pass from an aqueous solution to 
a non-aqueous one, we have to consider the potential difference 
at the boundary between the two solutions. Thus, consider a 
cell such as 



MX in phenol 


KCl in phenol 


KCl in water 


calomel 

electrode. 





where M represents the metal, and MX its salt. Of the various 
potentials, tti is known, is zero when the solutions are in equili- 
brium, and TT^ is a diffusion potential. Frequently may be 


* If we define the normal electrode potential as being that value of the 
electrode potential when the activity of the ions is unity, the potential of the 
lithium electrode is — 2*9578 volts, referr^ to the normal hydrogen electrode 
as zero (sec section 151). 
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neglected, or it may be determined experimentally by special 
measurements in suitable diffusion cells. In this way absolute 
values of TTg, the electrode potentials in any non-aqueous solution, 
may be found. Except for the work of Buckley and Hartley, 
existing data do not suffice for any accurate and extensive 
calculation of standard electrode potentials in solvents other than 

water. 

86. Concentration cells. — In the Daniell cell an electro- 
motive force is obtained when two dissimilar metals are immersed 
in different electrolytes, but there are other types of cells in which 
the electrodes are composed of the same metal dipping, either in 
different electrolytes, or in the same electrolyte at different con- 
centrations. Now the potential difference at a metal-solution 
interface depends upon the concentration of the metal ions in the 
solution, and if we use different ionic concentrations about the 
two electrodes of the same metal, it is evident that there will be, 
on the whole, a potential difference between the electrodes. This 
arrangement is known as a concentration cell. The electrical 
energy does not come from chemical reactions, but from the 
energy of expansion, as the solute passes from the more to the less 

concentrated parts of the electrolyte. r u- u 

There are two types of concentration cells, the first of which 

may be represented thus, 

M I MX (weak solution) [| MX (concentrated solution) | M. 

It consists of two reversible electrodes in equilibrium with solu- 
tions at different concentrations, the solutions being actually in 
contact or connected by a liquid junction. Cells of this type are 
known as concentration ceUs with transference. One such cell is 

^ 

Ag I AgNOg (dilute) H AgNOg (cone.) | Ag. 

The electrode in contact with the more concentrated solution 
attains, at the equilibrium state, a higher positive potential than 
the other. When one faraday of electricity passes, one gram- 
equivalent of silver is deposited at the kathode, and nA moles of 
salt represent the gain in concentration of the solution around the 
anode,* the electrolyte in the vicinity of the kathode losing an 
equal amount. Thus the electromotive force of this cell depends 
upon the transference number for the anion. 


* See Section 46. 
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A second type of concentration cell with transference is of 
the form, 

> 

Hg I HgaCIa (solid), KCl (concentrated) || KCl (dilute), 

Hg2Cl2 (solid) I Hg, 

Mercurous chloride is very insoluble, so that the mass of it 
dissolved, which alone is electrolytically active, is constant, and 
the two mercury junctions are always maintained in the same 
condition. When a faraday of electricity passes through the 
cell from left to right a gram-equivalent of mercury dissolves 
at the first electrode, and displaces some of the mercury in the 
chloride. The mercury thus liberated forms fresh mercurous 
chloride with an equivalent of the chloride ions from the 
potassium chloride. A mole of the latter is thus removed from 
the concentrated solution. Meanwhile, at the other end of the 
chain, mercury is deposited from the mercurous chloride and a 
mole of potassium chloride must, therefore, appear in the more 
dilute solution. The chloride ions meanwhile have been 
migrating against the current from the dilute to the concentrated 
solutions, this process involving a loss of moles of salt at the 
kathode. The dilute solution therefore, on the whole, only gains 
I — nj. moles, the concentrated solution losing an equal amount. 
Since i — where is the kation transference number, 

the action of this type of cell depends upon the transference number 
for the kation. 

The second class of concentration cell does not involve the 
effects of migration and is known, therefore, as a concentration 
cell loithout transference. It may be represented by the scheme, 

> 

Ag[AgCI (solid). KCl (conc.)|K(Hg)x — K(Hg)x|KCI (dilute), AgCI (solid)] Ag, 

where K(Hg)* represents a potassium amalgam. There is no 
migration from one solution of potassium chloride to the other, 
but an increase in the amount of silver chloride in the first half 
cell and a decrease in the second half. Since silver chloride is 
very insoluble, its dissolved mass remains constant and the silver 
electrodes remain in the same state. We may suppose the cell 
to be composed of two elementary cells, 

< 

Ag I AgCl (solid), KCl (cone.) | K(Hg)x, 

> 

K(Hg)x I KCl (dilute), AgCl (solid) | Ag. 


and 
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When one faraday of electricity passes through the cell from 
left to right, one gram molecule of salt is formed in the dilute 
solution, and decomposed in the more concentrated solution. 
The result, therefore, is not complicated by migration effects. 

The difficulty with this type of cell is to find electrodes which 

are reversible for both ions of the electrolyte. 

87. Thermodynamics of concentration cells. — The 
thermodynamic relations connecting the osmotic work and the 
electrical energy* for the two kinds of concentration cells may be 
derived by the use of the thermodynamic engine, devised by 
Washburn.i- Fig. 27 (a) represents the engine used for the cell 


r ^ \ 



(by ' * 

Fig. 27. — A thermodynamic engine. 

with transference. A chamber, G, contains the salt solution, 
MX, at concentration C, the osmotic pressures of the ions at 
this concentration being represented by and P^. D is a re- 
versible electrode, and the cylinder A is fitted at one end with a 
membrane, a, permeable only to the M ion. The piston in the 
cylinder permits the passage of water only, and the solution be- 
tween the piston and the membrane consists, therefore, of a 
solution of M ions in osmotic equilibrium with the solution in the 
chamber G. The membrane h is permeable only to X ions. 

• See Macinnes and Parker, your. Amer. Chem. Soc., 37 , 1445 (i 9 >S)* 
t Ibid., 32 , 467 (1910)- 
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The other half of the engine is similar to that just described, except 
that the vessel G' contains the salt at the concentration C + SC 
and the ions have the osmotic pressures and P^ -f- 

A movement of the piston A, A! from the left to the right is 
obviously against the osmotic pressure An electrolytic 

connection with the vessel G to G' is afforded by the liquid 
junction shown. 

If the key K is closed, and one faraday of electricity is allowed 
to pass, one gram-equivalent of X ion will be formed at the elec- 
trode D, and a like amount will be removed from the solution by 
electrolysis at the electrode D'. The passage of the electricity 
across the liquid junction will be accompanied by the movement 
of equivalents of M ions in the direction of the current — from 
G' to G — and the migration of (i — equivalents of X ions 
in the reverse direction, where is the kation transference 
number. Thus the total effect of the operations in the cell will 
be the transfer of equivalents of MX from the solution of 
concentration C + SC to that of concentration C. To compen- 
sate for this change, and to maintain a constant difference of 
concentration, the pistons A, A' and B, B' are moved reversibly 
towards the right, withdrawing moles of each ion from the 
chamber G, and forcing them into G'. As the electrical energy 
must be equal to the osmotic work, the following relation holds, 

where E is the E.M.F. of the cell and the volumes of the 

solution containing one gram-equivalent of ion. 

Fig. 27 (b) represents the thermodynamic engine for cells with- 
out transference. It is similar to that shown in (a), except that 
the liquid junction has been replaced by electrodes, N, N', such 
as amalgam electrodes. The concentrations of the salt are as be- 
fore C and C + SC, respectively, in the chambers G and G'. 
On closing the keys Kj and K2 and allowing one faraday to pass, 
one gram-equivalent both of the M and X ions will be formed in 
the chamber G, and a like amount will be removed by the 
electrodes from G'. To maintain equilibrium, the pistons A, A', 
and B, B' must be moved reversibly towards the right, each through 
a volume containing one equivalent of ion. Equating the osmotic 
work and the electrical energy, we have 

^x^Px* ■ - ( 117 ) 

an expression which differs from equation (116) only in the fact 
that it does not contain the transference number n^. 

If each molecule of the electrolyte is capable of dissociating 
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into kations, and anions, of valencies and respectively, 
then, 



V . V 

and Vr = , 

yx^x 


where y^v^ is equal to yx^x> ^ volume of the solution 

containing one mole of completely ionised electrolyte. Also 
the osmotic pressures are given by 

Pm = yM^RT and = y^CRT, 
where C = ^, so that from equation (iiy), 


On integration, 


FhB. = 

E = log tc.] 


yF 


[CJ’ 


(1 1 8) 


n being the total number of ions into which one molecule of the 
salt may dissociate, i^, the total valency of the anions, or of the 

is the ratio of the 


kations, obtained from one molecule, and 


[CJ 


concentrations of the ions in the two solutions. 

If the molecule yields two ions, each of valency v, then, 

E = 5 ^ log 


vF 


[CJ- 


(” 9 ) 


Similarly, assuming that is independent of the concentra- 
tion, we have, on integrating equation (ii 6 ). 


_ n^nRT , [CJ 


(I20) 


t.e.. 


E = 


u 


u 


+ * vF 


nRT [CJ 


[CJ’ 


and for the cell where the electromotive force involves the anion 
transference number, 



We may also derive equation (120) in the following manner. 
Let p represent the electrol3^ic solution pressure, the same for 
both electrodes, r, the valence of the metal, P^ and [C J , the osmotic 
pressure, and concentration of the ions, respectively, in the more 
dilute solution, Pj and [CJ being the corresponding quantities 
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for the concentrated solution. Then if -n-,, ttis, tt2, represent the 
potential differences at the first metal-solution interface, the 
dilute-concentrated solution interface, and the second metal-solu- 
tion interface, respectively, 

E — TTi -j- TTi2 + ^2* 

But from equation (no), 

and taking the osmotic pressures as being proportional to the 
ionic concentrations, 


_ , _ RT, [C.] 

Also in section ( 91 ) it is shown that TTjg is equal to 


(122) 


“g “a I __ [C^l] 


(123) 


Thus, if the molecule yields two ions, each of valency 


E = — log ^ 


(124) 


Since — — — = equation (120) follows immediately. A 

similar expression involving can be obtained for those cells 
of which the electromotive force involves the anion transference 
number. 

In the case of cells without transference, since the migration 
effects are eliminated, is unity. Hence from equations (122) 
and (123), 

_ zRT. [C,] 


E = 


uF 


88. Concentration cells with transference. — In this 
particular type of cell there is a small potential difference at the 
liquid-liquid interface which, in some cases, may be neglected. 
For example, in the cell 

ITj *■!! ‘’^2 

Ag I AgNOg (weak solution) |1 AgNOg (strong solution) ( Ag 

there is a tendency for the Ag'*’ and NO3” ions to diffuse from the 
concentrated to the dilute solutions, but the NOa" ion has the 
greater mobility and consequently diffuses more quickly, so that 
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after a short time a relative excess of nitrate ions will have crossed 
the junction, and the weaker solution will have, consequently, a 
negative charge. The strong solution contains, on the whole, 
an excess of Ag^ ions, and, therefore, the electrostatic field set up 
will equalise the rates of diffusion for the positive and negative 
ions, since it will accelerate the silver ions and retard the nitrate 
ions. The concentrated solution will be positive with respect 
to the dilute solution and therefore the E.M.F. of the cell is 
given by 

E = 772 -f- 7ri2 — ^1- 

The hydrogen ion has a greater velocity than other ions, and 
therefore with acids the dilute solution is positive with respect to 
the more concentrated one. In alkalis the hydroxyl ion moves 
faster than the associated metallic ion, and the concentrated solu- 
tion is positive with respect to the dilute one. If the two ions 
possess equal velocities, as they do, approximately, in potassium 
chloride solutions, there is no liquid-junction potential difference. 
The latter, if present, may be eliminated by mixing with both 
solutions a strong neutral electrolyte. In this case most of the 
current is carried by the ions of this neutral electrolyte. 

Abegg and Gumming * eliminated the effect by interposing a 
concentrated solution of a salt between the two liquids. They 
used ammonium nitrate with the silver nitrate cell, and since 
their calculated and observed values of the E.M.F. agreed, it is 
evident that the liquid-junction potential difference was practically 
eliminated. They also employed saturated solutions of potassium 
nitrate and of potassium chloride as the so-called “ bridge.” 
Schatchard f has shown that in a hydrochloric acid concentration 
cell, the liquid-liquid junction potential difference is not more 
than one milli-volt, provided that the solutions have concentra- 
tions less than o-i normal, and a saturated potassium chloride 
solution is interposed between the two acid solutions. 

A common form of cell J is shown in Fig. 28. The vessels 
M, M' contain identical silver-silver chloride electrodes, made 
by depositing silver electrolytically on fine platinum wire, and 
then covering the silver with a deposit of silver chloride. The 
tubes L, L' are brought together in a small vessel K, which con- 
tains a solution formed by mixing together equal parts of the 
solutions contained in M and M'. 

The electromotive forces may be calculated from equation (121). 

• Zeits. Elektroc., 13 , 17 ( 1907 ). 

\ Jour. Anxer. Chem. Soc., 45 , 1719 ( 1923 ), 

J Sec Maclnncs and Parker, he. cit. 
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If Aj and are the equivalent conductances of the two solutions, 
ai and ag, their degrees of ionisation, then, 

[^i] _ A^Cj ^ ^ 

[C2I A.C. ' • •025; 


(125) 


where Cj and Cg are the concentrations of the solutions. 
Macinnes and Parker determined, experimentally, the E.M.F. 



M 


Fig. 28. — Concentration cell with transference. 

of potassium chloride cells at 25® C. Their results, together with 
those calculated by means of equations (121) and (125), were as 
follows : — 





Calculated 

Observed 

KCIIIKCI, AgCl (solid) |Ag. 

E.M.F. 

E.M.F. 




Volt. 

Volt. 

o’sN O’OsN 

l» 

>> 

005562 

005357 

o*iN O'OiN 

ff 


©•05647 

0*05400 

0‘05N o'OosN 

ft 

99 

0*05690 

005470 

O'oiN o'ooiN 


99 

0-05775 

0*05600 


It will be observed that the experimentally determined values 
are lower than the calculated ones. In other words, the ratio of 
the number of ions in the two solutions, as calculated from 
electromotive force measurements, do not agree with that obtained 
from conductance measurements. This discrepancy is also illus- 
trated in the following table, the measurements being made at 

25° c.* 

It may be that the degree of ionisation, a, is not correctly 
given by the ratio in which case it is impossible to calculate 

A Xik 


• See .Macinnes and Parker, loc. cit. 
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Ag 1 AgCl (solid), HCI(C,) II HCl(C,). 

AgCl (solid) 1 Ag. 

Hg 1 HgjCI., KCKC,) 11 KCI(C,), 

Hg,Cl, 1 Hg. 

Values of 

[Cl] 

[Ct] 

from 

E.M.R 

Measure- 

meats* 

[Cx] 

[Ct] 

from 

Conduct- 1 
ance 
Measure- 
metits. 

Values of 

[C,] 

E.M.F. 

Measure- 

ments* 

[C,] 

Conduct- 

ance 

Measure- 

ments. 

Cl. 

1 

c,. 1 

Cl. 

c,. 

o'iN 

O’iN 

otN 

N M 0 

COO 

0 0 0 

4*57 

882 

41*80 

4*78 

9‘49 

4670 

o'sN 

o*iN 

O’osN 

o*oiN 

0-05N 

o-oiN 

o*oo5N 

o*ooiN 

8*09 

8*33 

8*64 

904 

8*85 

9*i6 

9*30 

9*62 


the electromotive force of any cell from conductance measure- 
ments. If the potential difference at the junction of the two solu- 
tions is not negligible, another source of error is introduced, 
since these potential differences evade direct measurement, com- 
plete elimination or correct calculation. 

89. Concentration cells without transference. — These 
cells involve two sets of reversible electrodes as, for example, 
silver chloride and reversible amalgam electrodes. The form of 
apparatus which must be employed is also complicated. Thus, 
to measure the electromotive force of the cell, 

Ag I AgCl (solid), KC 1 (C,) I K(Hg), - K(Hg), | KC\(C,). 

AgCl (solid) I Ag. 

Macinnes and Parker used the apparatus shown in Fig. 29, where 
R, E, R', E' represent the silver chloride electrodes, consisting 
of pieces of platinum gauze plated with a thick coating of silver, 
on which silver chloride was deposited. The alkali metal amal- 
gam electrode had two capillary outlets, J and J', for the amalgam, 
so that it could be used in either of the two half cells. There 
is a side reaction in this type of cell as follows : — 

zK + 2H2O = 2KOH + Ha, 

and to overcome this, a constantly flowing amalgam was em- 
ployed. The arrangement of the cell also permitted the immediate 
removal of the amalgam drops as they became detached, since 
they fell directly into the bulb D, and thence to the residue flask. 
Streams of fresh solution run in through tubes G and G' were 
made to pass by the electrodes ; this ensured that the measure- 
ments were carried out with solutions uncontaminated by the 
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passage of the amalgam. The separation of each half-cell into 
two portions, CK, C'K", made it possible to leave the silver- 
silver chloride electrodes in contact with the solution with which 
they were in equilibrium, this state being undisturbed by the 
solution flowing past the amalgam electrodes. The bent con- 
necting tubes prevented mixing. 

With potassium chloride solutions, 0-5 and 0 005 normal, 



Fig. 29. — Concentration cell without transference. 


the E.M.F. of the cell, with widely varying concentration of 
the amalgam electrode, was as follows : — 

Concentration of 

amalgam . 0-02 per cent. 0*002 per cent. 0 0002 percent. 
E.M.F. of cell 

(volt) . . 0-10603 ih'ooooi O‘io6ooi:*ooooi 0-1060^ 0005 

These results indicate that within wide limits the electromotive 
force is independent of the amalgam concentration. Values of 
the E.M.F. for different concentrations of the potassium chloride 
solutions are given in Table LIII. : — 
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TABLE LIII. 

Electromotive Force of KCl Cells without Transference at 25® C. 


> 

Ag I AgCI (solid), KCl | K*Hg - K*Hg [ KCl, AgCI (solid) ( Ag. 

Per cent. 


9 

99 

0‘0$N 

♦02 

o*5N 

f • 

9 

99 

o-osN 

•002 

o*sN 

>1 

9 

99 

o'oiN 

•004 

o-tN 

99 

t 

9 9 

ooiN 

•002 

o*iN 


1 

99 

o*oo5N 

•004 

0-05N 

99 

9 

99 

o-oosN 

•002 

o*osN 

99 


E.M.F. 

Volts. 

0*10735 

0*10745 

0*10885 

0*10900 

0*11085 

0*11085 


Another form of vessel is that used by Akerlof * in his experi- 
ments with the cell, 


U, I MOH(C,), MSO,{C) I M^Hg | MOH(Ci) | H;., 

where M represents lithium, sodium or potassium, shown dia- 
grammatically in Fig. 30. Its great advantage lies in the fact 
that it can be thoroughly washed and filled with a solution, 
without removal from the thermostat. In working with the cell, 
approximately the required amount of water was placed in A, 
boiled under vacuum and then weighed. The amount of alkali 
hydroxide solution which, when added to this water, would give 
a solution of approximately the desired strength, was run in. 
At first, all of the stopcocks except 4, 4 and 5, 5 were closed, and 
the system exhausted to a low pressure. Then, in succession, 
stopcocks 3, 3 were opened, 5, 5 closed, i, i opened and the 
apparatus filled with the solution. After this, stopcocks i, i 
and 4, 4 were closed and 8, 8, which were connected to the 
hydrogen supply, opened. In the next series of operations C 
was opened to the atmosphere and 5, 5 opened until the solutions 
in the hydrogen electrode compartments, B, B', were at suitable 
levels. Hydrogen was then introduced through 7, 7, until the 
hydrogen electrodes had attained equilibrium. Afterwards, taps 
9 and 10 were opened, and hydrogen passed over the amalgam. 
The taps 6, 6 were then opened completely, and the amalgam 
which flowed into the bottom of the tubes was removed, as rapidly 
as it entered, through the taps 5, 5. This flow was adjusted 
by hand and care was taken to keep the levels of the solutions 
in the hydrogen electrode compartments constant. In an 
experiment the tube D, which contained, approximately, 30 c.c. 
of amalgam, emptied in 10 minutes. During this time as many 
readings as possible were taken, and the mean of these taken as 
the electromotive force of the cell. 

* your. Amer. Chem. Soc., 48 , 1160 (1926). 
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A simpler type of cell is that used by Wolfenden, Wright, 
Kane and Buckley,* shown in Fig. 31. The right-hand limb, A, 

tN 



contains a pair of silver-silver chloride electrodes, and the left 
limb, B, the streaming amalgam electrode. The volume of A is 

• Trans. Farad. Soc., 23 , 493 (1927). 


Fig. 30. — Concentration cell without transference. 
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about 40 C.C., while B has a capacity of 3 or 4 c.c. to ensure the 
most rapid rate of renewal of the solution round the amalgam 

tip, for a given expenditure of 
solution. If the left limb has 
as large a capacity as that on 
the right, decomposition is so 
\ ^[[ f^st as to cause the electro- 

motive force to drop steadily, 
J 1- at a rate dependent upon the 

u L (J L dilution of the solution. For 

r n nr similar reasons, the amalgam tip 

r I is ground to a conical form, and 

placed at a point where the 
I I I solution stream approaches its 

I I ll\ \ \ maximum velocity. With the 

7 I form of cell illustrated, the 
I experimenters found that there 
was no decrease in the value of 

J the electromotive force with 

B \ I I J -4 time, and the value did not vary 

^ I Y appreciably with the rate of flow 

j of the solution. The latter 

\ I j Ma i entered B from behind, at a 

\ Y point just above the amalgam 

I tfflUD I both solution and amal- 

C \ / gam left the cell at C. 

J 90. Measurement of the 

r A , u If 11 electromotive force of a 

Fio. 31. — Amalgam half-cell. ... T, mi 

concentration cell. — The 

electromotive force of a concentration cell is always measured by 
means of the potentiometer method. Various elaborate potentio- 
meters are now in use, but the arrangement shown in Fig 32 
indicates the principle employed in all electromotive force 
measurements.* 

A is a large 2-volt accumulator and B a variable resistance. 

A potentiometer measuring wire, CD, is fitted with a slider and 
scale. It is convenient to construct a coil of wire E so that its 
resistance between the points ee* is exactly 101*93 times that of 
the slide wire CD, the electromotive force of the standard cell F 
being taken as 1*0193 volts. G is the concentration cell, and H 
a double change-over switch by means of which the galvanometer, 
or the electrometer, K can be thrown, either into the measuring 

• See Grant, Trans. Farad. Soe.^ 20 , 385 (1924). 
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circuit COM, or into the standard cell circuit eeV. L is a short- 
circuiting key for the electrometer. In taking a measurement 
the current through E and CD is altered by means of B, so that 
there is no deflection in the galvanometer when F is connected 
across ee\ the potential difference between these points being 
then equal to 1*0193 volts. Immediately afterwards, the cell 



G is balanced against the potential difference between C and M 
by moving the sliding contact M. Then, since the current 
through CD and E remains constant during these two operations, 

E:M,F. of G _ potential difference between CM 

i*oi93 potential difference across ee' 

resistance of CM CM 


resistance of E CD x 101-93* 

and therefore E.M.F. of the concentration cell = X — ^ volts, 

CD 100 


where CM and CD refer to the lengths of the wire between these 
points. As mentioned previously many very sensitive types of 
potentiometers are now in use, but the principle remains the 
same. The most sensitive types measure to the nearest microvolt, 
or even less. 


91 . Liquid-liquid potentials. — A concentration cell with 
transference will give an electromotive force which is the algebraic 
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sum of three potential differences : those at the two electrodes 
plus that at the junction of the solutions. Since, for many theo- 
retical purposes, the potential difference at the electrodes alone 
is desired, many attempts have been made to eliminate, or 
evaluate, the liquid-junction potential difference. Nemst * sug- 
gested that for the same salt solution, at different concentrations, 
containing equi-valent ions of valency Vy it could be calculated in 
the following manner. Let the osmotic pressure of each set of ions 
in the two solutions be and P2) respectively. If v faradays, i.e., 
coulombs, of electricity pass across the junction in the direction 


from the dilute to the concentrated solution, — gram ions 
of metal are transferred in this direction, and — — — gram ions 

WjT -4- 

of the anion in the opposite direction, where and are the 
velocities of the kation and anion, respectively. Hence the 
energy expended in the case of the metal ions is, from section (77), 

— RTlog^y and that expended during the transfer of the 

“T ±'2 

u P 

anions is ^ — RTXos^, But the total electrical work 

done in transferring v faradays across the junction is vFiTy where 
TT is the liquid-junction potential difference. Hence, 


UK + 


gram 10ns 


UA 


gram 10ns 


77 = ^ 


+ vF -u^ + u^ uF 


(126) 


where [C,] and [Cg] are the ionic concentrations corresponding 
to the osmotic pressures. Pi and P2- If «!, ocg are the degrees of 
dissociation, Cj, Cg the solution concentrations, and A2 the 
equivalent conductances of the two solutions, then, 

RT. AjCi 

It will be noted that, since the potential difference depends upon 
the ratio of the concentrations of the two s-ts of ions, and not upon 
the absolute values, the potential difference at a junction such as 
HCI (o*iN) I KCl (o*iN) should be equal to that at the junction 
KCl (o*oiN) ( HCI (o‘OiN), but of opposite sign.f Nemst deter- 


• Zeits. phys. Chem., 2 , 613 (i888> ; 4 , 129 (1889). 

f This assumes that the ratio of the degrees of Association is the same in 
the two cases. 
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mined the potential difference, at i8° C., at the junctions of 
several electrolytic solutions, using cells of the type 

Hg I HgjCU I KCl (o iN) II KCl (o-oiN) H HCl (ooiN) ([ HCI 

(o-iN) II KCl (o-iN)|Hg2CU|Hg. 

in which, since the two potential differences at the electrodes are 
equal, the measured values are those of the junctions 

KCl (o*iN) II KCl (o*oiN) II HCl (o-oiN) || HCl (o-iN) || KCl (o iN). 

His results are shown in Table LIV., in which u^, ur refer to one 
electrolyte, and Ur to the other : — 

TABLE LIV. 


Liquid-Liquid Junction Potential Differences. 


Electrolytes, 

nBKBSfflj 

IT (Observed) 

Volt. 

ir (Calculated) 

Volt 


KCl, NaCI 

+ -237 

*01 1 X 

•0137 

KCl. LiCl 

+ 366 

•0x83 

•0211 

KCl, NH4CI 

+ 019 

‘0004 

•001 1 

NH,C!. NaCl 

+ '218 

'0098 

•0126 

KCl. HCl 

- -688 

— 0357 

— 0397 

KCl, HNOa 

- 719 

- 0378 

— *0414 


In the general case, where the two solutions contain electrolytes 
at ionic concentrations [C,] and [CJ, and the kations have, re- 
spectively, velocities and y valencies vi and Vg, and of which 
the anions have velocities Uj, and and valencies v^' and V2y 
Henderson * proposed the formula, 

RT (u^ )[^ 2 ] 

lo„ i^R^l + 

^ (^R^2 + «^Vg')[CJ 

■ • • (127) 

When the solutions contain the same uni-univalent salts this 
reduces to equation (126), f and if the solutions have the same ionic 
concentration, and all the ions are univalent, then. 


77 


(“g “k ) (“a ~ ‘‘a ) 1 {“x + 

F {uk - Ux) + («^ - u^) ^ (Ux' + u/) 


(128) 


• Zeits. phys. Chem., 69 , 118 (1907) ; 63 , 325 (1908). 
f We assume that the ionic velocity is independent of concentration. 
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If, in addition, they have a common ion, 



where A and A' are the equivalent conductances of the two solu- 
tions. For solutions of the same ionic concentration haying a 
common univalent anion, combined with univalent and divalent 
kations, Henderson’s formula reduces to 


RT {ttR — ^k) 

F {ujs — zuF) 



(Uk + U j) 

{zUk + 



Henderson’s formula appears to have a wide application, and 
represents experimental facts. 

Planck * has also put forward a formula to represent the 
liquid-junction potential difference, which Lewis and Sargent ^ 
modified for a junction connecting two equally concentrated 
solutions of salts having a common ion. It takes the form of equa- 
tion (129). Direct experiment shows that this formula may be 
relied upon to give values of the potential for this type of junction 
accurate to within 0*1 or 0’2 millivolt. Thus Buckley and Hartley J 
measured the potential difference at the junction 


HCl (o-iN) II NaCl (o*iN), 

the experimental value being 20*6 millivolts, and that calculated 
from equation (129), 20*2 millivolts. A similar cell containing 
o-oi normal solutions gave experimental and calculated values 
of the potential differences equal to 17*85 and 17*9 millivolts, 
respectively# 

Macinnes § has shown that the liquid-junction potential differ- 
ence, TT, is given by 

TT = — (2«JJ — i), . • • (^3*) 

2 


where E is the electromotive force of a cell without transference, 
containing the two solutions, and is the transference num- 
ber for the kation. For a cell with transference, of electromouve 


force Et, 



(132) 


• Wted. Ann., 40 , 561 (1890). 

tyour. Amer. Chem. Soc., 31 , 363 (1909)- 

X Phil. Mag., 8, 320 (1929)- 

§your. Amer, Chem, §9C,, 97 , 2301 (J 9 *S)- 
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and these formulae are in accord with the most accurate measure- 
ments of the electromotive forces of concentration cells. 

Macinnes and Yeh * measured the liquid-junction potential 
differences of o-i norma! solutions of univalent chlorides at 25® C. 
and also calculated the values by means of equation (129). The 
close agreement between the calculated and observed values is 
showm in Table LV. 

TABLE LV. 


Potential Differences at the Junctions of o*iN Univalent Chlorides. 


1 

Electrolytes. 

X (Millivolts). 

Electrolytes^ 

ir (Millivolts). 

Measured 

Calculated 

Measured. 

Calculated. 

HCl, KCl 
HCl, NaCl 
HCl, LiCl 
HCl, NH4CI 
KCl, NaCl 

26-78 

3 3 09 

34*86 

28-40 

6-45 

28-4 

33*3 

35*8 

28-6 

4*9 

KCl, LiCl 
KCl. NH4CI 
NaCl, LiCl 
NaCl. NH4CI 
LiCl, NH4CI 

8*79 

2-16 

2-62 

— 4-21 

- 6-93 

7*4 

0-2 

2*5 
— 4‘6 

_ 7-2 


It will be noted that the junctions connecting differently 
concentrated solutions of two salts, with a common ion, may be 
replaced by two junctions, one of which joins solutions of the 
same salt at different concentrations, and the other connects 
solutions of different salts at the same concentration. For 
instance, the junction, 

NaCl (o-iN) II HCl (o*o5N), 
may be replaced by the following : 

A B 

NaCI (o-iN) II NaCl (o*o5N) || HCl (o'05N), 

in which the potential difference at the junction A may be calcu- 
lated by means of equation (131) or (132), and that at the junction 
B by means of equation (129). 

92 . Flowing junctions.— It has been found that the 
potential difference at the junction connecting two different salt 
solutions is variable, and not always reproducible, and most 
experimenters have tacitly assumed that the highest potential 
reached, if moderately constant, is the correct valve. A method 
of renewing the interface between the two solutions, so that the 
potential is constant, is described by Lewis, Brighton and 

•Journ. Arwr. Chem. Soe., 43 , 2563 (1921). 
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Sebastian.* Walpole f found that constant potentials could be 
obtained by forming the junctions with tapes along which the 
solutions flow. A simple type of flowing junction proposed by 
Roberts and Fenwick J is shown in Fig. 33. M is the type 
of electrode vessel used for the Hg | HggCIa electrode, and 
S, for the silver-silver chloride electrodes. The lower end of 
each vessel is bent horizontally, tapered, if necessary, to internal 
diameter of 2-3 mm., and paraffined near the tip to obviate 
creeping of the liquid. These tips slide into side tubes in a 

glass tube H, and are ad- 
n ^ justed so that the issuing 

drops of liquid touch a mica 
plate P, conveniently held 
^ rubber stopper. A 
If p hole, I mm. in diameter, is 

: : r l drilled and placed 5 mm. 

: : : i below the exit tubes of the 

- : - - electrodes. The lower edge 

: : : r of the plate is notched, and 

: : 2 5 faces painted with hot 

: I — : I paraffin wax, except for a 

7 I narrow channel indicated 

R ft R £ dotted lines, past the 

^ ^ points, 

V using opposite points on 

F p PT| the two sides. This ensures 

jft ^ :i that the only liquid junction 

R y _v H is at the aperture in the 

~ — ^ W plate. Taps 3 and 3' are 

^ attached to the electrodes 
for convenience in filling 
P the vessels, while the taps 2 

Fig. 33.— a flowing junction. and 2' serve for the wash- 

ing of the metal electrode. 
They are kept closed during actual measurements, the by-pass 
taps — I and i' — being open. Before the mica plate is set in 
place, the rates of flow of the electrolytes are made equal, as 
nearly as possible, the rate being 4 to 6 drops per minute. In 
practice the potential quickly adjusts itself to a constant value. 
The measured potential differences at the junction of o-iM HCl 
and o iM KCl, at 25° C., were ; 

* your. Amer. Chem. Soc., 39 , 2245 (1917). 
tyour. Chem. Soc.^ 105 , 2521 (1914). 

Xyour. Amer. Chem. Soc.^ 49 , 2787 (1927). 


Fig. 33. — A flowing junction. 
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millivolts. 

Ag, AgCl HCl(o-iM)| KCl(o-iM) I AgCI, Ag . 28 00 
Ag, AgCl HCi (o-iM) I KCI (o iM) j Hg^CU, Hg 73 3 

Ag, AgCl KCl(o*iM)| HggCIa, Hg . . . 45 30 

and, therefore, by difference, the potential difference of the cell 

Ag, AgCl I HCI (o-iM) II KCI (o-iM) | AgCl, Ag 

was 28-00 millivolts, which agrees with the value obtained with 
the first cell. 


93 . Diffusion potentials. — In a series of papers Prideaux * 
has shown, experimentally, that definite and reproducible poten- 
tials are set up at a parchment paper membrane, which separates 
two differently concentrated solutions of the same weak organic 
electrolyte. These potentials resemble the diffusion potentials in 
the free liquid in many respects, but differ from them numerically. 
He shows that they can be regarded as modified diffusion po- 
tentials, and the transference number for the anion in the mem- 
brane, calculated. The membrane potential should probably be 
regarded as a diffusion potential along the walls of very narrow and 
tortuous capillaries, through which ions can diffuse. The solution, 
as a whole, does not flow under moderate pressures. 

He calculates the diffusion potential E by means of the 


equation. 



Thus for piperidine hydrochloride at 25° C., with C, = o-i and 
C2 ^ 0 01 moles per litre, E = 22-1 millivolts. 

The interposition of a parchment increases the diffusion poten- 
tial of a salt with a relatively slow anion, and, therefore, it retards 
the anion more than the kation. On the other hand, the membrane 
decreases the diffusion potential of a salt having a relatively slow 
kation, and thus it again retards the anion more than the kation. 
This is in accordance with the view that the parchment is 
negative. In the case of acetic acid, the membrane only causes 
a very slight increase in the diffusion potential. The reason 
for this may be sought in the diminution of the negative charge 
on the membrane by the great increase in the hydrogen ion 
concentration, as compared with its value in the nearly neutral 
salt solutions. The hydrogen ion might be expected to have a 


• Trans. Farad. Soc., 10 , i6o (1914) ; 20 , 37 (1924) ; 24 , 1 1 (1928) ; 25 , 
20 (1929). 
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slight discharging effect of this kind, on account of the great in- 
crease of its active mass, on either of two hypotheses as to the 
nature of the surface charge ; that is, whether it is due to {a)y 
selective adsorption of anions from the solution, or {b)y the binding 
of anions in an inner, or bound layer, in order to compensate for 
a slight deficit in the hydrogen ion concentration, caused by 
preferential adsorption of these ions on the actual wall surface. 

The smallness of the effect, observed in the case of weak acids 
and bases, may be accounted for, by supposing that the mobility 
of the anion is proportionately reduced in the acids and bases and 
in their salts. This reduction has a great effect on the difference 
"k ■“ ^A> “a when these differences are small, as in the 

case of salts, but only a slight effect on or Uq^ — u^y 

both of which are large. 


94 . Standard cells. — There are two cells which have been 
adopted as the practical standard of electromotive force, namely, 
the Clark cell, and the Weston, or cadmium, cell. 

(a) The Clark cell consists of zinc amalgam, covered with a 
layer of zinc sulphate crystals, and pure mercury in contact with a 
paste of mercurous sulphate, zinc sulphate crystals, and metallic 
mercury, the electrolyte being a saturated aqueous solution of 
zinc sulphate and mercurous sulphate. Since the negative elec- 
trode, zinc, is in contact with a solution of zinc sulphate, and the 
positive electrode, mercury, is in contact with mercurous sulphate, 
the cell is reversible, and may be represented thus : — 


Hg, Zn (lo per cent.) 


>• 

ZnS04, JcHgO (sat.) 
a: = 7 below 39° C. 
= 6 above 39° C. 


Hg2S04 (paste) 



If made with pure chemicals, and according to specifications, 
its electromotive force E* at a temperature C., is given by * 

E* = Ei5 — 0*00119 15) — 0*000007 “ *S)* 

where E15 = 1*4328 volts.f 

(6) The WestoTiy or cadmium cell, has a number of marked 
advantages compared with the Clark cell. The latter has a fairly 
high temperature coefficient, it is subject to large hysteresis 
effects attending temperature variations, its life is comparatively 
short owing to the tendency of the cell to crack at the point 


• Bronson and Shaw, Eleetrictarty 66, 698 (1911). 
f Ayrton, Mather and Smith, I*hU. Trans.^ A, 1 M) 7 , 463 (1908). 
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where the platinum terminal is fused into the amalgam limb, 
and lastly, a layer of gas is formed at the amalgam surface. 

The Weston cell is without these disadvantages and has now 
displaced the Clark cell in the laboratory. The elementary 
construction of the Weston cell is illustrated in Fig. 34. Pure 
mercury forms one electrode, and a cadmium amalgam, 10-15 
per cent., the other. The mercury electrode is in contact with 
mercurous sulphate, and the electrolytic solution is one of 
cadmium sulphate. In one form of celLthe cadmium sulphate 


Crystals oF f 


CdSO^Solution 
— — (Saturated) 


Crystals of 
3CdS0^,8H20. 


Cr %• .rl 


Csd/P/u/rn 

Amalgam 


Paste of 

andSCdSQ^ 6ll2^' 

Mercury 


Fig. 34. — The Weston cell. 

solution is maintained at the saturation point by placing cadmium 
sulphate paste in contact with the cadmium amalgam. This 
type is known as the saturated^ or normal^ cell. In another type, 
the unsaturated cell., the concentration of the cadmium sulphate 
is that of a solution saturated at 4® C. The normal cell may 
be represented as follows : — 

> 

Cd amalgam CdS04 paste, Hg8S04 paste, Hg 

(10-15 per saturated solution of saturated solution 

cent.). cadmium sulphate. of mercurous sul- 

phate. 

Its electromotive force at 20° C. is 1*01830 volts, and its E.M.F., 
E(, at a temperature i® C., is given by * 

E( = E20 — 0-0000406 {t — 20) — 0-00000095 ~ 20)^ 

-|- o-oooooooi (t — 20)®. 

* Adopted by the International Conference in Electrical Units and Stan- 
dards at London, 1908. 
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In using standard cells, they should not be exposed to 
temperatures below 4° C., or above 40° C., and current in excess 
of 0*0001 ampere should never pass through them. 

95 , Transference numbers from electromotive force 
measurements. — If we compare equations (118) and (120), we 
see that for cells containing the same pair of salt solutions, at 
the same concentrations, the ratio, 

E.M.F. of cell with transference 
E.M.F. of cell without transference* 

should be equal to the transference number of one of the ions. 
By referring to the derivation of the equations it can be seen 
that in the present case the ratio gives the transference number 
of the kation. The numbers obtained in this way agree with 
those measured by other means, as may be seen by comparing 
the transference numbers for the kation in potassium chloride 
solutions at 25° C. (See pages 217, 220.) 


Concentrations of 
Solutions. 

E.M.F. Ratio. ' 

Transference Numbers. 

E.M.F. 

Method. 

••Hittorf 

Method. 

Moving Boundary 
Method. 

o*sN — o’OsN 
o*iN — o'OiN 
o-osN — 0-005N 

53*57 : *07-4 
54*00 : io 8*9 
54 * 70 : 110*85 

■498 

*496 

•494 

*496 

•496 

*496 

■493 

•493 


The general applicability of this method of obtaining trans- 
ference numbers may be tested by comparing the value it gives 
for the transference number of the hydrogen ion in hydrochloric 
acid, with that determined by the “ Hittorf ** method. Jahn * 
measured the E.M.F. of the following cells with transference at 

18° C.:— ^ 

Ag 1 AgCl, HCl II HCl AgCl | Ag E.M.F. (volt). 

»» »» ■003329N *o333oN ,, ,, *09162 it *00005 

»» »» *ooi 665N •01665N ,, ,, *09235 it *00005 

while Tolman and Ferguson f used the following cell without 
transference at the same temperature : — 

Hg I HggCU, HCl I H2 - H J HCl, HgaCla | Hg E.M.F. (volt). 

„ „ *002 N I atmos. ■02N „ „ *1109 ±001 

• Zeits. phys. Chem., 33 , 545 (1900). 

"[ Jour. Amer. Chem. Soc.^ 34 , 232 (1912). 
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By means of a linear interpolation from the E.M.F. measurements 
of the first-mentioned cell, the E.M.F. for concentrations equal to 
•02 and *002 normal is found to be 0 092 10 volt, so that the ratio 
of the electromotive forces of the two types of cell is 0 830. This 
number agrees, within the limits of experimental error, with the 
directly determined transference number, -833, as given by Jahn.* 
The concentration cell method of determining the trans- 
ference numbers is more accurate in the case of uni-univalent 
electrolytes than the Hittorf method and is now more widely 
used. For example, Lucasse f has recently obtained some inter- 
esting results with concentration cells containing cadmium salts, 
CdX2. As we should expect, the transference number for the 
kation decreases with concentration, owing to the tendency of 
these salts to form complex ions. His results for the cell, 

Ag I AgX I CdX, (o-iM) [| CdX.> (m) | AgX ] Ag, 
were, with cadmium iodide, 

Values of rn . -oiooo *08145 *6908 2*045 4*227 5*^33 6*146 

Values of *486 *479 -445 *241 *002 —*104 *192 

and with cadmium bromide. 

Values of m oiooo 05629 *2026 *8056 1*314 1*896 3 0815 

Values of *434 *424 ' 37 ^ *”5 —*068 -*185 

the values of m being expressed in molal units. 

96. Concentration cells containing mixed electrolytes. 

The electromotive force of a concentration cell varies when 

a second electrolyte is present in the main electrolyte. Chow % 
found with the hydrogen-hydrochloric acid cell containing alkali 
metal chlorides, that if the total ion concentration was maintained 
constant, the electromotive force of the cell was given by the usual 
expression if the value of the total ionic concentration was inserted 
in the formula. Chow’s results have been confirmed by Harned,§ 
but at high concentrations the electromotive force depends to 
some extent upon the nature of the added electrolyte. Arkadjev,| 
working with cells of the type 

H. I HBr (o-iN) + KNO 3 KCl (i*oN) KCl (i*oN), Hg^Cl^ 1 Hg. 

(I-75N) 

(3-5N) 

found that neutral salts increased the hydrogen electrode potential. 

• Zeits. phys. Chem., 37 , 673 (1901)- 
\ Jour. Atner. Chem. Soc., 51 , 2605 (1929). 

X Ibid., 42, 497 (1920). § Ibid.t 42, 1808 {1920). 

II Zeits. phys. Chem., 104, 192 ( 1923 )- 
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CoDcentratioD of 
Neutral Salt 

Moles per Litre* 

Measured E*KLF* (VoIt)« 

x-oN KCl. 

I-75N KCL 

3 - 5 N KCL 

0 

•3556 

*3539 

• 35*3 

0'4 


*3537 

• 35*7 

0*8 1 


•3499 

•3469 

1-2 

— 

•3456 

•3426 

1*6 


•3426 

•3402 

2*0 

•3432 

•3393 

•3377 


Other results * show that the potential of the calcium amalgam 
electrode is altered when various electrolytes are added to a calcium 
sulphate solution, but Neuhausen,'}' investigating the effect of 
added electrolytes on the reliability of the sodium electrode, 
concluded that the addition of other electrolytes does not, in 
general, affect this electrode potential. 

97. Amalgam concentration cells. — Another type of con- 
centration cell is one in which the electrodes are composed 
of the same metal at different concentrations. This may be 
realised with two differently concentrated amalgams of a single 
metal. The passage of the metal is from a concentrated to a 
dilute amalgam, and if we suppose that metals dissolved in 
mercury exert osmotic pressure like that of ordinary solutions, 
and that this osmotic pressure is proportional to the metal 

concentration, C7, the electromotive force is given by the familiar 
relation, 

TT I / ^ 

^ = • • • (' 33 ) 

in which Cj and denote the respective concentrations of the 
metal in the amalgams. Pearce and Eversole J have measured 
the electromotive force existing between various dilute zinc 
amalgams in contact with a saturated solution of zinc sulphate, 
and compared the results with those calculated by means of 
equation (133)* assuming that the amalgams behaved as perfect 
solutions. They found that the observed potentials were less 
than those calculated from equation ( 133 ), and, further, that 
the deviations from the calculated values increased as the con- 
centration of the zinc in the amalgam was continuously increased. 
Hulett and Crenshaw § also measured the electromotive force of 

• See Fosbinder, your. Amer. Chem. Soc.^ 61 , 1073 (1929). 

t Ibid., 44 , 1445 (1922). XJour. Phys. Chem., 32 , 209 (1928). 

§/Wd., 14 , 175(1910). 
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zinc amalgam cells over a concentration range extending from 
a saturated amalgam to very dilute amalgams. For the range 
o*oo6i to 0 00000307 normal the electromotive force conformed 
to the laws of a perfect solution, as indicated by this equation, 
and it is difficult to explain why these amalgams, when they 
exceed a certain concentration, suddenly behave as imperfect 
solutions. 


98. Concentration cells with non-aqueous solutions. — 
The Nemst formula for the electrode potential of a metal against a 
solution containing its ions does not explicitly involve any property 
of the solvent, but there is every reason to suppose that the tendency 
of the metal ion to go into solution will vary with the nature of 
the solvent, just as the solubility of any chemical substance varies 
in different media. The real origin of electrolytic solution tension 
must, in fact, be sought in the existence of an attractive force 
between the dipole molecules of the solvent and the ions of the 
metal Since the dipole character of the solvent is considered 
to run parallel to the dielectric constant, and since electrolytes 
are, in general, more highly ionised in solvents with high than 
with low dielectric constants, it might be expected that the 
attraction between the ions and the solvent molecules would 
increase with the dielectric constant. From this point of view 
one would expect the solution pressure to increase with increasing 
dielectric constant. Jones * found that this expectation was 
realised. He used cells of the type Ag I AgNOg in one solvent 
II AgNOa in another solvent | Ag. Kahlenberg f also carried 
out a long series of investigations on the behaviour of ten different 
metals immersed in solutions of their salts in many different 
solvents. In one particular case he measured the E.M.F. of 
cells with silver nitrate in pyridine and in acetonitrile, and com- 
pared the results obtained with those calculated from the Nernst 


equation, 



the liquid-junction potential difference being assumed negligible. 
Although a fair agreement between the calculated and experimental 
values had been obtained when aqueous solutions were used, an 
utter lack of agreement was found with the organic solvents, and 
he was forced to the conclusion that the formula was not applicable 
to cells involving non-aqueous solutions. It is known, however, 


• Zeits. phys. Chem., 14 , 346 ( 1894 ). 
f jfour. Phys. Chem.. 4 , 709 ( 1900 ). 
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that complex conditions exist both in solutions of silver nitrate in 
acetonitrile * and in solutions of this salt in pyridine.f Sakhanov 
and Grtinbaum J verified the Nernst formula with pyridine when 
the solutions were sufficiently dilute. Koch,§ using silver nitrate 
in the two solvents, assumed that the ionic concentrations, [CJ, 
[C2], could be deduced from the conductance measurements ; thus, 


where 


[^1] _ *^1^1 

[C 2 ] a2C2 

■'di j /Ig 

= A = Z-- 


Putting = AiCi and 

we have from equation (121), 

TT I 

E = 2(1 - K^)_log-^. 

The results at 0° C. and 25° C. support the Nemst formula, and 
show that the solution laws are followed in these solvents to the 
same extent as in water. 


Roshdestwensky and McLewis || worked with cells of silver 

nitrate in acetone. The two solutions were in direct contact, 

thus possibly developing a liquid-junction potential difference. 

Assuming Nernst’s law to be valid for these systems, they 

calculated the transference numbers for the ions, and found that 

in solutions, varying in concentration between the limits 

0*02-0*007 normal, the value for the anion transference number 

lay between o*6o and 0*58, and for more dilute solutions it was 
0*56. 

Henderson,^ working with cells of the type 
Ag I AgNOg in water (o*iN) || AgNOg in solvent (o*iN) | Ag, 


obtained the following electromotive forces with different 
solvents : — 


Solvent . ethyl methyl acetone aniline pyridine 

alcohol alcohol 

E.M.F. (volt) -{-0*1004 “{"0*0967 -|-o*i7i2 — 0*2559 — 0*3618 

The values for the transference numbers, calculated from the 
electromotive force of the cells, are quite different from those 

• See Koch, Jour. Chem. Soc., 131 , 647 (1927), 

+ See Abegg and Neustadt, Zeits. phys. C/rem., 69 , 486 (1909). 
iy. Russ. Phys. Chem. Soc.^ 48 , 1794 (1916). 

%Jour. Chem. Soc., 132 , 524 (1928). || Jbid., 101 , 2094 {1912.). 

q Zeits. phys. Chem., 69 , n8 (1907) ; 63 , 325 (1908). 
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obtained experimentally. In all cases the experimental values 
are the greater, but with extremely dilute solutions the calculated 
values approach more nearly the experimental ones. The anion 
transfer number increases in value with increasing dilution, 
except in the case of pyridine, where there is the reverse effect. 

Comparing the values of the electromotive force, determined 
when the aqueous solution is joined to a non-aqueous solution 
of the same concentration, the solutions in the alcohols and in 
acetone are positive towards the aqueous solution, but those in 
aniline and pyridine are negative towards it. The experimental 
data seem to prove that the abnormalities, observed in non- 
aqueous solutions of silver nitrate, are due to combination of 
the solvent and solute to form complex compounds, which dis- 
sociate more or less gradually. 

Isaacs and Partington * measured the electromotive force 
of the cells, 

Ag I Agl, Nal (CO II Nal (CO, Agl I Ag, 

Ag 1 Agl, KI (CO II KI (CO. Agl ! Ag, 

using methyl alcohol as the solvent, at 25° C., over concentrations 
ranging from 0 5 to o-oooi normal. The values they obtained 
are given below : — 

Nal KI 

Anion Anion 

E.M.F. transference E.M.F. transference 

Cc)I concentrations. volt. number. Cell concentrations. volt. number. 

o-xN — ooiN 0-41 -584 o-osN — o-oiN 0-0280 -551 

— 0-002N 0-72 *583 o-osN — o-oo2N o-o6i -549 

o-oiN— o-ooiN 0-45 ‘SS* o-oosN— o-ooiN 0-0342 *554 

Apart from two abnormally high values for the anion transference 
number, with cells in which the most concentrated solution, 0*5 
normal of sodium iodide, was present, all the values of the trans- 
ference numbers for sodium and potassium in alcoholic solutions, 
of concentrations from 01 to o-ooi normal, were in excellent 
agreement with those calculated, and were independent of the 
concentration. 

The electromotive force of concentration cells containing a solu- 
tion of sodium in liquid ammonia has been measured by Kraus f 
over an extended concentration range. From these measure- 
ments approximate values of the transference numbers have been 
calculated for different concentrations. Assuming that the speed 
of the positive ion remains constant, the mean speed of the nega- 
tive ion increases forty-fold within the concentration range 

• Trans. Farad. Soc., 25 , 53 (1929). 
fyour. Amer. Chem. Soc., 36 , 864 (1914). 
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o-ooi-i-o normal, and if the equivalent conductance of the 
positive ion is assumed to be 130, the equivalent conductance of 
the dilute metal solution is calculated to be 1040. These curious 
results are accounted for on the assumption that both Na"*" ions 
and electrons exist in solution. At high dilutions the electrons, 
which serve as negative ions, are surrounded by envelopes of 
ammonia, and the size of these envelopes determines the speed of 
the negative ions. 

99. Temperature coefficient of concentration cells. — 

Equation (107), 

expressing the relation between the electromotive force of a 

i)E 

cell and its temperature coefficient, is applicable to all types 

of reversible cells, and since for concentration cells there is no 
heat of reaction, //„ = o, and therefore 

or, the electromotive force is proportional to the absolute temper- 
ature. This is only true when the substances are so dilute that 
no appreciable amount of heat is evolved on further dilution, and 
^E . . . 

is positive. Gerke * measured the electromotive force of 

various cells at different temperatures. His measurements in- 
clude the following ; — 

Hg 1 Hg^Clj, KCl (iM), AgCl j Ag, 


and 


observed* 

0 0455* voit. 
0 04215 „ 


Temperature. 

24-86“ C. 
I4'86“ C. 


Temperature Coefficient. 

+ -000336 volt per 1“ C, 


Hg I HgjClj, HCI (iM), AgCl I Ag, 


E.M.F. observed. 

0-04544 volt. 
0-04206 „ 


Temperature. 

24-86“ C. 
14-86“ C. 


Temperature Coefficient. 

+ -000338 volt per 1* C. 


100 . Gas cells. — ^Another type of concentration cell in 
which the electrodes are of different concentrations is the gas 
cell. For example, if we have two well platinised-platinum 
electrodes in contact with hydrogen gas, the pressure of the gas 


*Jour. Amer. Chem. Soe,, 44 , 1684 (1922). 
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being different at the electrodes, and if they are immersed in an 
acid or an alkali solution, an electric current will flow when the 
two electrodes are joined, gas dissolving at the electrode of high 
pressure and appearing at that of low pressure. If the gas pressures 
are pi and Pa, respectively, and [Ci] and [C-J are the hydrogen 
ion concentrations in the immediate neighbourhood of the two 
electrodes, respectively, we may imagine a thermodynamic cycle 
at constant temperature to be performed on the system by allow- 
ing an electric current to flow reversibly against a balancing 
electromotive force, taking out the gas evolved, slowly com- 
pressing it, and then transferring it to the other compartment. 
The original state of the system is then restored. Further, we 
may assume that the ideal gas laws are obeyed, and that the 
hydrogen can pass from the gas phase on the one side to yield 
hydrogen ions, and, vice versa^ at the other electrode. No work 
is done in converting the gas from a pressure p, to the ionic state 
at concentration [CJ. If one faraday, F, of electricity passes, 
osmotic work equal to 

'og [§] 

is done by the system in transferring i gram-equivalent of 
hydrogen ions from the concentration [CJ to that of [CJ. No 
work is required to pass from this latter state to the gas state at 
pressure p 2 , but work equal to * 

^log^ 

2 ^p2 

must be done on the system to restore the gas from the pressure p 2 
to its original state pi. The electrical energy lost by the system 
is EF, where E is the electromotive force of the cell. Thus, 

EF - W log ^ log g. 

B ^ log ra - 5 log g. 


or 


F [CJ _2 
F [CJVF.' 


Pi 


■ (' 34 ) 


If the hydrogen ion concentrations are equal, 

■c RT . 


■ (" 35 ) 


* The factor ^ is introduced since two hydrogen ions pass from the ionic 
state to form one mole^e of gas. 
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and if the pressure of the gas at the two electrodes is the same, 
and is maintained so while the electromotive force is being 
measured, then, 

The pressures may be kept constant by allowing the gas to bubble 
slowly through the vessels containing the electrodes while the 
measurements are being made. Since a decrease in the gas pressure 
corresponds to a decrease in the electrolytic solution pressure of 
hydrogen, it will be noted that the electrode in contact with the 
gas at the lower pressure is positive with respect to the other 
electrode. 

Although this hydrogen cell is never used in practice, the 
hydrogen electrode forms a convenient standard electrode, and 
is used as such in conjunction with other electrodes in various 
concentration cells. For example, if it is combined with a 
mercurous chloride electrode, the calomel electrode, the variation 
of the hydrogen electrode potential with gas pressure may be 
investigated. Thus, Hainsworth and Macinnes * measured the 
electromotive force of the cell. 


Pt(H2) I HCl (o-iN), Hg^Cl^ I Hg, 


at 25® C. for various hydrogen gas pressures up to 400 atmospheres. 
If 8E is the change in the E.M.F. of this cell, produced by changing 
the pressure from one atmosphere to p atmospheres, then, from 
equation (135), 


8E = -^ log p. 


Their results were as follows : — 


Pressure io Atmospheres (p)* 

(Observed). 

(E (Calculated). 

50 

0-0504 volt. 

0/0506 volt. 

100 

€>•0594 »» 

0*0598 „ 

200 

0‘o688 „ 

0*0694 » 

300 

00745 „ 

00753 „ 

400 

00787 „ 

0*0797 ». 

Another type of gas cell is the chlorine- 

—silver chloride — silver 


cell,t shown in Fig. 35. 

101 . Oxidation-reduction cells. — ^Another process which 
supplies electrical energy is that of oxidation, or reduction, 
during which the valency of the ions taking part in the process 

• Jour. Amer. Chem. Soc., 44 , lozi (1922). 
f Sec Gerkc, ibid., 44 , 1690 (1922). 
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is changed. In oxidation processes charges of poMve electricity 
are added to, or negative charges are withdrawn from, the atoms, 
ions or molecules, whereas in reduction processes the converse 
takes place. A divalent ferrous ion, on taking up a third unit of 
positive electrical charge, is oxidised, becoming a trivalent ferric 
ion. On the other hand, a trivalent ferric ion mav be reduced 
to a divalent ferrous ion. There is a simple relationship between 
the quantity of electricity gained, or lost, and the weight of the 
substance affected, a change in the charge of 96,491 coulombs, 
corresponding to the gain, or loss, of one formula weight in grams 



Fig. 35. — A chlorine — silver chloride — silver concentration cell. 


of the substance involved. In every oxidation-reduction process 
the charge which is lost by the one reacting substance must of 
necessity be gained by the other. 

So far we have considered the oxidation-reduction processes 
to depend upon the loss, or gain, of positive electrical charges, 
but they might just as easily be considered in terms of the changes 
of negative electrical charges. Indeed, it is now generally agreed 
that one of the fundamental parts of the process is an exchange 
of electrons. Thus, in the case of a ferric-ferrous system the 
oxidation-reduction process is generally represented by 

Ferric ion + electron 5^ ferrous ion, 

Fe+++ + e ^ Fe^-*-, 

16 


or 
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where c represents an electron. This reversible process is not 
dependent upon the presence of any electrode, the exchange 
of electrons taking place continuously. We may look upon the 
electrons as exerting a pressure, similar in character to the 
solution pressure of metals, postulated by Nernst. 

Let us consider a platinum electrode to be placed in an acid 
solution of ferrous and ferric chlorides. The electrode almost 
immediately assumes a stable potential, the value of which is 
determined by the ratio of the number of ferrous to ferric ions. 
We may therefore form a cell such as 

Pt I Fe'^'*' II Fe++'*' | Pt, 

where the two solutions containing the iron ions are connected 
by means of an inactive intermediate solution. If the platinum 
electrodes are joined by a wire, a positive current passes along the 
wire from the right-hand electrode to the other. The ferrous 
ions each give up one electron to the electrode on the left, and 
become converted into ferric ions. We can imagine that these 
electrons, thus liberated, then travel along the wire and pass into 
the cell at the other electrode, converting the ferric ions into 
ferrous ions. This electric current would continue, if allowed 
to do so, until the relative concentrations of the two sets of ions 
in the two solutions become equal. This arrangement is known 
as an oxidation-reduction cell. 

Gas cells may also be considered as oxidation-reduction cells. 
If we apply a potential difference of about 2 volts between platinum 
plates, immersed in dilute sulphuric acid, oxygen and hydrogen 
gases collect at the respective plates, and the latter, which are 
neutral to begin with, are transformed into oxygen and hydrogen 
electrodes, respectively, the former being positive with respect to 
the latter. Theoretically, only water is necessary for the process, 
but acid is added to increase the conductivity of the liquid. If 
the decomposing current is stopped, and the cell examined, it 
is found to possess an electromotive force of i*i volts, approxi- 
mately. If an electric current is taken from the cell, the hydrogen 
gas ionises at the hydrogen electrode and passes across to the oxygen 
electrode, while at the other electrode the oxygen ionises and unites 
with the water to form hydroxyl ions, thus, 

> 

Pt(H2) I water | (Og) Pt. 

The theoretical value of the electromotive force of this cell 
may be calculated from equation * (107), since two moles of 
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water are formed when four faradays of electrical charge pass. 
Neglecting we have 

V 1 



2H, 

V 


approximately. 


The calculated value is 123 volts which is higher than that ex- 
perimentally determined. Some platinum oxide may be formed 
during the process, and this substance has a potential different 
from that of pure oxygen. 

In a similar manner the system 


Pt(H2) I HCl (solution) | (Cl2)Pt 


forms an oxidation-reduction cell, the electromotive force of which 
has been measured by Miiller.* His values at different acid con- 
centrations were, 


Concentration of acid i-oN o-iN o*oiN o ooiN 

E.M.F. at 25° C. 1-3660 1*485 1546 1*587 (volts) 

102 . Oxidation potential. — The potential assumed by an 
inactive electrode, such as platinum, when immersed in an 
oxidation-reduction system, may be compared with that of a 
standard electrode. Thus, suppose we form a cell, using the 
normal hydrogen electrode, of the type 

Pt I Fe''"''^Fe^'^ |[ HC 1 (N H+) | Hg (i atmosphere), Pt, 
in which the reaction 


2Fe-^-^+ _{_ H 2 ^ 2H-^ + 2Fe+-** 

occurs, the direction of the reaction depending upon the relative 
concentrations of the ferric and ferrous ions. If oxidation of the 
ferrous ions takes place the positive current passes through the 
cell from left to right, and in the opposite direction if reduction 
occurs. For the latter process, when equilibrium is attained, the 
equilibrium constant, Ky of the reaction is given by (equation 29), 

the suffix 0 denoting the concentration of the various reactants 
and resultants at the equilibrium state. The free energy change, 
8^, per mole of hydrogen, in this process is, from equation (31), 

s* _ - « r log K + sr log 

• Zeits. phys. Chem., 40, 158 ( 1902 ). 
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But this free energy change is also given by 

— 80 = zFE 

where E is the electromotive force of the cell. Hence, since the 
concentrations of the hydrogen ions and the hydrogen gas are 
constant, we may write, 


where 


A. =5 ^ 


[Fe-^-^-^lo" 


RT 


Putting log K' = Eq, we obtain 


„ _ RT, [Fe++] 

E Eo ^ log [Fe+++J' 


(137) 


Ry T and F have their customary significances, and [Fe'*"*’] and 
[Fe'*’"*"^] represent concentrations of the ferrous and the ferric 
ions, respectively. Since one half of the cell is the normal hydrogen 
electrode, E is the potential, referred to the hydrogen scale, of 
the electrode in the oxidation-reduction system. If the con- 
centrations of the ferric and the ferrous ions are identical, then 
E = Eg, where Eq is termed the normal reduction potential of 
the process. It is a constant characteristic of this particular 
oxidation-reduction process. E is known as the reduction potential 
of the electrode Pt | Fe’*"'*', Fe'*"*"*'. 

Equation (137) is sometimes written thus : 

E — E — \oo 
^ ^ log , 

where [Red] is the concentration of the reductant agent and [Ox] 
that of the oxidant. 

In a similar manner, the oxidation potential in the above 

cell may be obtained by writing , where 

/C 

Instead of using the hydrogen electrode, the calomel electrode 
may be substituted for it, thus. 


Pt re***, Fe** II Hg.-^-^ in KCl (sol.), Hg,CU | Hg. 
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Taking the reaction occurring within the cell as being represented 
by the equation, 

2Fe+^ + Hg2^+ 2Fe+^^ + Hg^. 

The equilibrium constant K is given by 

[Fe--]o^[HgJo • 

Since the concentrations of the mercury and the mercurous 
ions are constant, we have, as before, 


K'= 

and E = Eq — 

In general, we may write, 






[CJ’ 


(138) 


where [Cj] and [CJ are the ionic concentrations of the lower 
and higher degrees of oxidation, respectively, in a cell in which 
reduction of the ions takes place, Eq is the electromotive force of 
the cell when [C,] = [C^], and v represents the difference in the 
total valence of the species taking part in the oxidation. 

The exact nature of the process occurring during oxidation, 
or reduction, at an inert electrode is not known, and different 
theories have been suggested, but they are not entirely satisfactory. 
One such theory has been formulated by Butler.* He supposes 
that when an inert electrode is dipped into a solution containing 
two substances, related by a simple oxidation-reduction process, 
the ions in the immediate vicinity of the surface must come 
into contact with it from time to time, and if there is any affinity 
between the metal surface and the ions, they may be adsorbed to 
some extent. The electrodes which give the best defined poten- 
tials are those whose surfaces possess good adsorptive properties, 
such as platinised platinum. If the surface does not exert any 
specific attraction on the solute molecules, those which come into 
contact with the surface are not held, and can pass again into solu- 
tion without performing any work against the surface attractive 
forces. If the surface does exert a specific attraction on the solute 
molecules, those which reach the surface cannot escape until 
they have acquired sufficient kinetic energy to overcome the 

• Trans. Farad. Soc.^ 19 , 734 ( 1924 ). 
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surface attractive forces. Butler determines the oxidation poten- 
tial in terms of the ionisation potential, corresponding to the loss 
of an electron by the reduced molecule, the difference in the 
energies of hydration of the two substances concerned, the' affinity 
of the metal and statistical constants. 


103 . Measurement of oxidation potential. — The oxidation 

potential is measured experimentally by placing the two oxidation- 
reduction systems in liquid junction with an intermediate solu- 
tion, which is not attacked chemically by either oxidation-reduc- 
tion component. This solution eliminates any liquid junction 
potential, produced by unequal rates of diffusion, and keeps 
the two oxidation-reduction systems from interacting. The 
measurement of the electromotive force of such a system obviously 
gives the difference between the oxidation potentials of the two 
systems. The system Pt(H2) | is the important reducing 
system, having a great tendency to give up electrons so that the 
electrode is charged negatively, and it is convenient to measure 
the potential of all oxidation-reduction processes against that 
occurring at the hydrogen electrode. Even if the latter cannot 
be combined with a particular oxidation process to form a cell, 
the electrode potential may be expressed relatively to that of the 
normal hydrogen electrode — taken as zero. Having obtained 
the value of E (equation 138), relative to the normal hydrogen 


TABLE LVI. 


Oxidation Potentials. 


Solution. 


Stannous chloride, potassium 
hydroxide 

Hydroxylamine, potassium hy- 
droxide .... 
Pyrogallic acid, potassium hy- 
droxide .... 
Hydroquinone, potassium hy- 
droxide .... 
Potassium ferro-oxalate 
Potassium ferrocyanide 
Iodine, potassium hydroxide 
Stannous chloride, hydro- 
chloric acid . . 

Sodium hypophosphite 
Cuprous chloride 
Sodium sulphite . 

Sodium hypophosphate 
Ferrous sulphate (neutral) 


E (Volts). 


- 0-578 

- 0-333 

— 0-196 

— 0043 
+ 0-013 
-f- 0-198 
-|- 0-213 

-|- 0*22o| 
-j- 0-241 
■+■ 0-283 
-j- 0-308 

4- 0-318 

+ 0-356 


Solution. 


E (Volts). 


Sulphurous acid 
Ferrous sulphate, sulphuric 
acid .... 
Iodine, potassium iodide 
Potassium ferricyanide 
Potassium bichromate 
Chlorine, potassium hydrox- 
ide .... 
Ferric chloride 
Nitric acid 

Bromine, potassium hydrate 
Potassium iodate, sulphuric 
acid .... 
Manganese dioxide, hydro- 
chloric acid . . . 

Chlorine, potassium chloride 
Potas.sium permanganate, sul- 
phuric acid 


+ 0-442 
+ 0-517 

+ 0-6i2 

+ 0-707 

-j- 0-788 

4- 0-908 
-j- 0-961 
+ 0-979 
+ x*t4S 

-f- 1-220 

+ f353 
+ 1*39* 

+ 1*483 
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electrode, the value of the normal oxidation-reduction potential, 
Eq, may be calculated from this equation. Bancroft * carried 
out several experiments on the oxidation potentials by immersing 
platinum electrodes in solutions, taking potassium permanganate 
in sulphuric acid as the most energetic oxidising agent. Most 
of his solutions contained 0*2 moles of electrolyte per litre. His 
results, referred to the normal hydrogen scale, are given in 
Table LVL 


TABLE LVII. 

Normal Oxidation-Reduction Potentials. 


1 

ReactiofL 

E* (Volts). 

Reaction. 

Eo (Volts). 

1. + € = Co*--*- 

2. + € = Ce+'^+ 

3. T 1 +++ + 2« = T 1 + 

4. + €•= Hg*’ 

5. Fe^++ 4- € = Fe++ 

1-817 

J -55 

1-21 1 
0*901 

0-747 

6. + f = Cu+ 

7. Sn++++ + 2e = Sn++ 

8. Ti ++•**+ + € “ Ti+++ 

9. V+++ + € = V++ 

0^48 
0*440 
0336 
o- 148 


1. Lamb and Larson, Jour. Amer. Chem. Soc., 42 , 2024 (1920). 

2. Baur and Glaessner, Zeits. Elektroc., 9 , 534 (1903)- 

3. Grube and Hermann, ibid., 26 , 291 (1920). 

4. Popoff, Dissertation. 

5. Popoff and Kunz, Jour. Atner. Chem. Soc., 51 , 382 (1929). 

6. Bodlander and Storbeck, Zeits. anorg. Chem., 31 , 465 (1902). 

7. Foerster and Yamasaki, Zeits. Elektroc., 17 , 361 (1911)- 

8. Diethelm and Foerster, Zeits. phys. Chem., 62 , 138 (1908). 

9. Rutter, Zeits. anorg. Chem., 52 , 368 (1907). 

Values of the normal oxidation potential, Eq, at 25® C., are 
given in Table LVII. In all cases the reaction tends to take place 
from left to right as written when opposed to a normal hydrogen 
electrode, and + c is taken to be zero potential. 


104 . Applications of concentration cells. — From what 
has been said previously, if two electrodes of the same metal are 
placed in solutions containing the ions of the metal at different 
concentrations, [C,] and [C2], respectively, and these solutions are 
placed in electrical contact, either through a porous partition, 
or by means of a siphon, or even separated by gravity alone, 
there exists between the two electrodes a potential difference, E, 
expressed, approximately, by means of the formula 


T 

E — 0*000198— logio 


[CJ 

[c,y 


Zeits. phys. Chem., 10 , 387 (1892). 
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where v is the valence of the metal ions in solution and T the 
absolute temperature. 

At iS- C., E = ^ log„ [3, 

SO that if [Cj] is known, it is possible to determine, quite ac- 
curately, even very small ionic concentrations. The same prin- 
ciple can be applied to the determination of the hydrogen ion 
concentration in acids, or alkalis, if, for electrodes, we use a noble 
metal like platinum, saturated with hydrogen under a definite 
pressure. If we use such an electrode, dipping into a solution 
containing normal concentration of hydrogen ions, i,e., [Hi'*'] = i, 
and measure the potential difference between it and another similar 
electrode, which is immersed in a solution of which the hydrogen 
ion concentration [H"^] is unknown, the two solutions being con- 
nected by a siphon containing concentrated potassium nitrate, 
or potassium chloride solution, then, the unknown concentration 
and the potential difference are related according to the expression 


E = 0-058 logio 

In practice it is more convenient to combine the solution, 
containing the hydrogen ions of unknown concentration, with 
the standard calomel electrode, and measure the electromotive 
force of the resulting cell. If is the value thus obtained, then, 
as shown in section ( 85 ), at 25® C., 


Ec = 0-059 logio + 0-282. 

Since the values of [H^] vary tremendously in different 

solutions, it is convenient to make use of the function logiojj^i 

instead of values of [!!■*■]. This function is denoted by the symbol 
pH. Hence, 

/)H = — log JO [H+]. 


If, for example, pH is equal to 7, [H*^] has the value io“’. It will 
be observed that/>H decreases as [H'^J increases, i.e., as the acidity 
of the solution increases. Values of pH may, therefore, be 
determined by immersing a platinum electrode in the solution, 
combining this half-cell with a normal calomel electrode, or the 
normal hydrogen electrode, and measuring the electromotive 
force of the resultant cell. 
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In the case of water we have 

[H’^][OH“] = Ky approximately, 

where [H^] and [OH“] are the ionic concentrations of the hydrogen 
and the hydroxyl ions, respectively, and K is the equilibrium 
constant of water, or more strictly, the ionic product. Therefore, 
in all aqueous solutions, whether strongly alkaline or acid, there 
must be sufficient hydrogen or hydroxyl ions, respectively, to 
maintain a constant value of this ionic product. When the con- 
centrations of the hydrogen and the hydroxyl ions in a solution 
are equal, the solution is neutral, and hence, since K = 
approximately, a solution is neutral if 

[H+]2 = [OH-]2 = io-i«, 

or [H"^] = lo”’, i.e.y pH = 7. In other words, the /)H value 7 
is a convenient reference point with which to differentiate “ acid 
from “ alkaline ** solutions. 

This result provides a rapid and accurate method of determining 
the neutralisation point of an acid, or an alkali, the hydrogen 
electrode taking the place of an indicator in the process. In 
using this electrometric titration method, a hydrogen electrode 
is placed in the acid solution, and the latter is connected with a 
normal calomel electrode to form a cell. If an alkali is now 
carefully titrated into the acid solution, neutrality will be at- 
tained when the p\i value of the solution is equal to 7, and at this 
point the electromotive force of the cell, at 25° C., will be E^, 
where 

Ec = 0-059 logio + '0-282 = 0-695 volt. 

The cell forms one branch of a potentiometer arrangement, the 
electromotive force of the cell being measured after each small 
addition of the alkali. When the E.M.F. reaches the value 
0-695 volt, the solution is neutral. Since it is difficult to titrate 
the exact amount of alkali necessary to attain neutralisation, it 
is more usual to plot values of the E.M.F. against the volume 
of alkali added. The resulting curve shows a rapid change of 
E.M.F. with the amount of added alkali at the neutral point, and 
the latter can thus be determined from the curve. 

The solubility of sparingly soluble salts in solvents may also 
be determined from the measured electromotive forces of con- 
centration cells, and this method is available when others are 
inapplicable. 
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Let us consider the cell 

>. 

Ag KCl (o-iN) sat. KNO3 (sat.) | AgNOg (o-oiN) | Ag. 
with AgCl 

We have from equation (88), 

[Ag-][C1-] = 

where Sq is the solubility product, the solubility, being given by 
\/sq. Actually in the KCl (o-iN), AgCl solution the concentration 
of th e chloride ions is o-i normal, approximately, so that $ is equal 

to '\/[Ag+]o*i, where [Ag+] is the number of gram equivalents 
per litre of the silver ions in this solution. If E is the measured 
E.M.F. of this cell, then, 

E = 0 058 log.„ gi , 

and thus [Ag'*'] may be calculated and s and Sq determined. The 
solubility products and solubilities, at 25° C., of various salts in 
methyl alcohol, and in water, determined in this way, are given 
in Table LVIIL* 


TABLE LVIII. 

Solubility Products and Solubility in Water and in Methyl Alcohol, 



Solubility ift e t W11-A 

SolubUity in Water. 

g'^). gISSs). SolubUity in Methyl Ai^V 


3-0 X IO“’ 
2*4 X IO-* 
7*7 X 
1*3 X 10-’ 
5*4 X IO-* 


1*3 X I9~» 
7*8 X 10 -’ 
x*o X 10 -® 
1*2 X IO-* 
x*s X 10 -* 


43 

33 

13 

9*2 

2*8 


The valency of an ion in a concentration cell may be deter- 
mined from electromotive force measurements. By this means 
Ogg t found the valency of mercurous ions in the cell, 


■- ^ 

Hg I mercurous nitrate (o*05N) 11 mercurous sulphate (o'5N) I Hg 


nitric acid (o*iN) 


I 

nitric acid (o*iN) 


• See Buckley and Hartley, Phil. Mag., 8, 320 (1929). 
f Zeits. phys. Chem., 27 , 285 (1898). 







CELLS AND ELECTROMOTIVE FORCE 


251 


Taking the concentration of the mercurous ions as proportional to 
the salt concentration, the E.M.F. of this cell, E, is given by 



Actually the E.M.F, of the cell, at 18® C., is 0*029 '^^It, and thus 
the mercury ions are divalent. 


105. Irreversible cells. — Some of the cells in common use 
are essentially irreversible in action, as, for example, the simple 
type, 


Zn H2SO4 Pt, 


which gives rise to a current of which the value soon falls to 
practically zero, since hydrogen collects at the platinum electrode 
and produces polarisation effects which will be more fully dis- 
cussed in Chapter VIII. The cell becomes, in principle, 


Zn ZnS04 H2SO4 H2, Pt. 


The hydrogen possesses a greater solution pressure than the 
platinum, and as this solution pressure is proportional to the 
pressure of the gas evolved, we may imagine it to reach a value 
equal to that of the zinc, when the current ceases. The smaller 
the solution pressure of the gas, the higher is the electromotive 
force of the cell, but it is evident that this electromotive force 
will not remain constant unless the hydrogen is removed as 
quickly as it is evolved. In practice this is not possible in the 
absence of oxidising agents. 


106 . Photo-voltaic cells. — Becquerel ♦ found that when 
two metallic electrodes were coated with a photo sensitive material, 
and were immersed in an electrolyte, if one of these electrodes 
was illuminated while the other was kept in the dark, an electro- 
motive force was set up. He observed that with silver-silver 
iodide electrodes, this photo-potential was not always in the same 
direction. If the silver iodide coating on the electrode was not 
too thick, light focussed on the electrode caused the latter to 
take a positive charge from the liquid, but after the coating had 
reached a critical thickness there appeared a negative effect, which 
was only temporary, however, and was ordinarily followed by a 
positive effect. Becquerel used his silver-silver halide electrodes 
in a solution containing a small amount of sulphuric acid. 
Solutions of eosin, fluorescein, etc.y also show the effect. 


* La Luimhre, II., 129 (1868). 
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Scholl,* Goldmann,f Wildermann,! Garrison § and many 
others have investigated these cells. Tucker || set forth the 
following group of generalisations as a basis for explaining and 
predicting the behaviour of a given voltaic cell. 

{a) In a photo-voltaic cell with electrodes consisting of the 
same material from which the metallic constituent of the photo- 
sensitive material is derived, illumination tends to produce a photo- 
chemical reduction of the photo-sensitive substance. 

(b) If the photo-sensitive substance is on the illuminated elec- 
trode as a uniform layer, local cell formation on the illuminated 
surface will be at a minimum, and the exposed electrode will be 
an anode. 

(c) If the photo-sensitive substance is on the illuminated elec- 
trode as a non-uniform layer, local cells will be set up within it, 
and if these local cells tend to polarise, the illuminated electrode 
will eventually become a kathode after continued illumination. 
If, on the other hand, these local cells do not polarise, but are 
perfectly reversible, the electrical behaviour of the illuminated 
electrode will be determined by the oxidising, or reducing, nature 
of the cell solution. In an oxidising solution, or a neutral solution, 
the illuminated electrode will be a kathode, while in a reducing 
solution it will be an anode. 

Murdock ^ worked with films of platinum on glass, and a 
6 per cent, solution of rhodamine B in absolute alcohol. He found 
that the density of the current, after a time ty following an exposure 
of one minute, or less, is well represented by the equation, 


^ Mt + L’ 

where y is the current density, and L and Af are constants. 
Goldmann ** had previously suggested that the current during 
illumination, t.e., during the growth, is given by the equation, 

f = (i — 

and after the illuminating source had been removed, the decay of 
the current is represented by the equation, 

where i represents the instantaneous value of the current at a 


time tym — c being the electrolytic capacity of the cell, R 


• Ann. d. Phys., 16 , 417 (1905). 

X Zeits. phys. Chem.y 69 , 553, 703 (1907). 
^jfour. Phys. Ghent., 29 , 1406 (1925)- 
q Phys. Rev., 17 , 626 (1921). 


t Ibid., 27 , 449 (1908)- 

Wlbid., 31 , 1357 (1927)* 
•• Loc. at. 
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the external resistance, and A and B, empirical constants. The 
values of m, and are not equal, but differ by 40 per cent. 

It has been proposed by Sheppard and Trivelli,* and in- 
dependently by Fajans,f that the photo-chemical effect of light 
upon silver halide is to discharge an electron from the halogen 
ion which is then accepted by a silver ion, forming silver atoms 
and, in the case of bromides, bromine atoms. The former are 
aggregated to metallic silver and the latter to bromine molecules. 
This process may be represented thus, 

Br“ -h (light energy) = Br -1- c, 

Ag-" + € = Ag, 

€ representing the electron. Supposing this primary action of 
the light upon the bromine ion to occur in the silver bromide 
of the photo-voltaic cell, then, at first, both electrons and bromine 
(as atoms or molecules) may be supposed to move in the direction 
of the light rays towards the silver electrode. The electrons 
penetrating into the silver electrode increase the electron pressure 
and thereby produce the initial surge of negative electricity. 
Meanwhile, the more slowly moving bromine, on reaching the 
electrode, attacks it according to the equation, 

KBra) -}- Ag = Ag^Br-, 
giving a positive potential. 

Vanseiow and Sheppard X used two silver-silver bromide 
electrodes immersed in potassium bromide solutions, the latter 
saturated with silver bromide. As the concentration of bromine, 
added to the solution, was increased, the electromotive force of 
the cell also increased, thus, 

Concentration of 

Br (per cent.) i-o 0 5 o*i 0*05 o*oi 0-005 0 001 

Steady E.M.F. 

(volt) -074 0-66 0 58 0433 -0285 -0253 -0153 

Much work remains to be done in connection with these photo- 
voltaic cells. 

107 . Individual ionic heat contents. — Since the electro- 
motive force of a cell is related to temperature according to the 
equation, 

H 


Phot, your., 61 , 403 (1921). t Zeiis. Elektroc., 28 , 499 (1922). 

Xyour. Phys. Chem., 33 , 331 (1929). 
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if values of E, determined at different temperatures, are. plotted 
against these temperatures, the slope of the resulting curve, at 

any point, gives — at the corresponding temperature, and we may 

at once calculate the heat of the cell reaction. This method permits 
a far more accurate determination of than can be obtained 
by ordinary calorimetry. Lewis and Randall,* using the cell, 
Hg ! HCl (o iM) I HggClg I Hg, obtained a value — 8,291 calories, 

per equivalent, for at 25° C. Ostwald f assumed that the 

above equation could be applied to the separate electrode re- 
actions, i.e., 

where Hy is now the heat of ionisation at the single electrode ; 
hence the sum of these heat reactions, viz., those taking place at the 
electrodes Pt, Hg | and Cl”, HggClg | Hg is — 8,291 calories 

at 25° C. Now not known for these separate electrode 

reactions, but if we assume, as we have done, that the value of 
TT for the electrode Pt, Hg | is zero at all temperatures, then 

for the electrode reaction. Cl”, Hg^Clj I Hg, we have equal 

oJ 

to — 8,291 calories per equivalent. Knowing the value of the 

electrode potential, 77, and that of we can then calculate 

the heat of ionisation, or the heat evolved when one gram ion is 
formed at the electrode, by means of the equation, 




It is evident that if the value of ~ for the electrode 

t) J 

Cl”, Hg2Cl2 I Hg is known, that for any other electrode may be 
determined by combining this electrode with the other to form 

^E 

a cell, measuring the value of ^ for the cell, and taking the value, 

thus obtained, as being the algebraic sum of the values of ^ 

at the two electrodes. 

* Jour. Amer. Chem. Soc., 36 , 1969 (1914). 
f See Ostwald, Lehrbuch der aUgemeinen Chemie, II, i, 1893. 
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As a rule, the heat of ionisation is negative^ or heat is evolved 
when ions are formed^ and since the heat changes, which occur 
when one metal displaces another from solutions of its salts, 
are known from calorimetry experiments, the heat of ionisation, 
per equivalent, for one metal may be calculated, if that of the 
other is known. 
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CHAPTER VII. 

ELECTRO-CAPILLARITY. 

108 . Electro-capillary efifects. — It was shown in the 
previous chapter that, in general, a potential difference exists at 
a mercury-electrolyte interface. We may regard the electrical 
charges as forming a condenser-like double layer ; the electrical 
charge, usually positive, spreads over the mercury surface, the 
electrical forces striving, as it were, to extend the surface area. 
On the other hand, surface tension effects tend to decrease the 
surface area, so that if we have an electrical double layer at the 
surface of contact between mercury and an electrolyte, the net 
surface tension effect is determined by the natural surface tension 
of the metal-liquid interface, diminished by the force with which 
the electrical charge tends to increase the surface area. As this 
potential difference existing across the interface is decreased, by 
applying to the interface an opposing potential difference, it is 
evident that the net surface tension increases and reaches a maxi- 
mum as the applied potential difference is increased. Finally, it 
decreases again after the applied potential difference exceeds that 
of the electrical double layer. We might assume that when this 
surface tension is a ma.\imum. the measured applied potential 
difference is equal and opposite to that of the double layer at the 
interface. This condition of maximum surface tension may be 
ascertained, experimentally, by means of a capillary electrometer 
of which there are many forms, two being shown in Figs. 36 and 
37. Consider the working of the type illustrated m Fig. 36. A 

mercury reservoir, A, 

jet, B, which dips into a glass vessel, E, at the bottom of which is 
a mercury electrode, external contact being made with the latter 
by means of the wire, D. As the bore of B is very small, and the 
surface tension of mercury high, a long column of mercury can 
be supported by the surface tension effect. If the double-layer 
potential at the jet surface is decreased, the interfacial tension 
increases, and a longer column of mercury can be supported. 
Since the bore of the capillary jet tapers, as a rule, towards 
the lower end, the meniscus will move up the tube A until 

17 
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the upward force due to the surface tension is equal to the 
downward force of gravity, acting on the column of mercury in 
A. The meniscus can be brought back to its original position 
by raising the bulb H. Fine adjustments of H are effected by 
the rack and pinion, G, the meniscus being watched through the 
microscope, M. 

The solution in E must be saturated with an appropriate mer- 
cury salt ; for example, if the solution is a chloride, mercurous 



Fig. 36. — A capillary electrometer and connections. 


chloride must be used, if a sulphate, mercurous sulphate, etc. 
Mercury ions will then be deposited upon the surface of the jet 
in B, and thus the mercury in A becomes positively charged. If 
we wish to neutralise the double layer at this jet surface, Ae 
external potential difference must be applied in such a direction 
that it opposes the double layer potential ; i.c., A is connected to 
the negative terminal of the battery circuit. 

In an experiment, the terminals 2 and 3 are joined, so that the 
mercury electrode in E and the mercury in A are at the same 
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potential. The position of the meniscus in B is observed. The 
terminals 2 and 3 are then disconnected, and those of i and 2 
joined. The total resistance, R -1- S, being maintained constant 
at, say, 10,000 ohms, R is increased step by step, the position of 
the upper meniscus, N, being read against the scale, S, for each 
applied potential difference. The scale readings are then plotted 
against the applied potential difference, the resulting curve being 
known as the electro-capillary curve. It \vill possess a maximum, 
corresponding to maximum surface tension, when the potential of 
the double layer has been eliminated. Thus, at this point, it is 
assumed that the applied potential difference is equal, and opposite, 
to the potential difference, existing under normal conditions, at 
the mercury-liquid interface. This assumption is not justified, as 
there are other factors, to be 
considered later, which in- 
fluence the surface tension of 
the mercury-solution inter- 
face. 

The behaviour of the 
meniscus in the capillary 
electrometer is, in general, 
very different in the ascend- 
ing portion of the curve from 
what it is in the descending 
portion. In the former the 
mercury is often sluggish, 
and the surface tension be- 
comes difficult to measure. 

Further, the surface tension 
may take up a certain value immediately after a given potential 
difference is established between the terminals of the electrometer, 
and then fall gradually as the time of contact continues. The 
surface tension corresponding to the descending portion is widely 
different for solutions with chemically different anions, and even 
noticeably different for unequally concentrated solutions of the 
same salt. The /arm of the descending portion for a considerable 
part of its course is the same (within the limits of experimental 
error) for equally concentrated solutions of quite different salts, 
and only varies very slightly for unequally concentrated solutions 
of a given salt. 

Smith * made an exhaustive study of electro-capillary pheno- 
mena. In one particular experiment he obtained the electro- 



Fig. 37. — Another type of capillary 
electrometer. 


PHI. Trans., A, 193 , 47 (1900). 
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capillary curve for a 0*5 normal solution of potassium iodide. He 
then superposed upon this solution a 0-5 normal solution of 
potassium chloride, and placing the small mercury electrode in 
this latter solution, determined the electro-capillary curve for this 
arrangement. When the applied electromotive force exceeded 
a value of about 0*8 volt the two curves were identical. Since 
the potential difference at the large electrode was not altered 
between the two sets of experiments, the potential difference at 
the small electrode, and therefore the interfacial tension, for an 
applied electromotive force, greater than o'8 volt, is the same for 
both curves. If we assume that the potential of the liquid jimction, 

KI(o- 5 N)| 1 KC 1 (o* 5 N), 

can be neglected, and that there are no appreciable potential 
differences due to concentration changes in the liquid, Smith s 
results show that below 0*8 volt the surface tension does not 
depend merely upon the potential difference at the small electrode, 
but also upon the chemical nature of the solution. Now these 
solutions are the same in every respect, except that the anion m 
one is iodide, and in the other, chloride. Until the potential 
difference, reckoned from the solution to the electrode, reaches a 
certain value, the effect of the anion upon the surface tension is 
appreciable, but gradually diminishes, and finally disappears. ^ The 
applied potential differences at the maximum surface tension m 
the two cases differ by about 0*2 volt, so that as the liquid 
junction KI(o*5N) || KCl(o'5N) has a potential difference nothing 
like as great as 0*2 volt, we see that the highest point of the 
capillary curve does not necessarily correspond to zero potential 
difference between the solution and the small mercury electrode. 

For a given applied potential difference, the interfacial tension 
increases as the concentration of the solutions (KCl, KCN) di- 
minishes, and moderately concentrated solutions of KCN 
capillary curves of which the maxima lie to the left of the origin, 
while the weaker solutions give curves in which the maxima are 
to the right of this point (Fig. 38). If a solution could be found 
for which the maximum lay at the origin, this would be a null- 
solution and would exhibit no potential difference with respect to 
the mercu^. Every solution for which the maximum of the 
electro-capillary curve is at the origin is a null-solution, but the 
potential differences between mercury and different so-called 
null-solutions will be different if the maxima for these solutions do 
not coincide. 

The maxima of the curves for KCN solutions are lower than 
those for the KCl solutions of corresponding strength, and the 
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horizontal distance between the curves, after they become parallel, 
is, approximately, 0-125 volt greater than the distance between 
the maxima. Consequently the solution at the maximum surface 
tension in KCN is 0-125 more positive to the mercury than 
it is at the maximum in KCl.* 

Palmaer.f using the mercury dropping electrode described 
in section ( 84 ), found that by adding certain substances to a 
o-iN KCl solution, he could not only reduce the observed potential 
difference between the still and dropping mercury until it became 
very small, but could cause it, passing through the value zero, to 
change in sign. In this way he found two different null-solutions, 
KCN, KOH and Hg(CN)2, and HjS plus a small quantity of 



acetic acid, for which the potential difference between the still and 
dropping electrodes was zero. Smith and Moss X found several 
other null-solutions, and showed that the potential difference 
between mercury and a null-solution is not always the same, and 
hence is never necessarily zero, as Palmaer assumed. 

Smith and Moss compared the results obtained from capillary 
electrometer and dropping electrode experiments, observing the 
following quantities : — 

(a) The electro-capillary curve for various potassium cyanide 
solutions of different strengths. 

(^) The electro-capillary curve for a solution of potassium 
chloride of equal strength. 

• See Smith, he. cit. t ZeiU. phys. Chem., 69 , 129 (1907)- 

X Pint. Mag., 16 , 478 (1908). 
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(c) The horizontal distance between descending branches of 
two curves. 

{d) The E.M.F. of the cell Hg | KCN || KCl | Hg. 

(e) The E.M.F. of the dropping electrode circuit Hg | KCN|Hg, 
the measurements being taken when the end of the 
continuous part of the jet was in the surface of the 
solution. 

(/) E.M.F. of the dropping electrode circuit, 

Hg|KCN||KCI|Hg. 

Their results are given in Table LIX. 

TABLE LIX. 


Electro-Capillary Measurements. 


Strength of Solution. 

Maximum Surface 
Tension* 

* Hg - KCN. 
Scale Reading. ^ 

S 

43 ^ 

b ^ g 

la i« 

K * S 
^ ( 2 ) 

Applied P.D. 
Corresponding to 

M Maximum Surface 
Tension. 

Hg - KCN. 

Horizontal distance 
^ between curves 
(i)and(2) 

(IQ volts). 

to 

X 

*51 

Qxi 

25 

U 

X 

( 5 ) 

ggl 

(6) 

a 

( 7 ) 

o*iN 

0‘2N 

0'24N 

©•25N 

0-26N 

o* 27 N 

o*5oN 

I'oN 

3665 

36*30 

36*10 

36*08 

3604 

36*00 

3581 

35-70 

36*75 

36*70 

36*53 

36*35 

36*30 

36*27 

36*17 

36*10 

1 

0-039 ' 

0*020 

0-010 

0 

0 

“ 0*005 
— 0*020 
— 0059 

0*645 

0*667 

0*687 

0*691 

0*696 

0*697 

0*716 

0*748 

0*642 

0*671 

0*687 

0*690 

0*693 

0*696 

0*715 

0*745 

0-043 

0*018 

0*012 

0*003 

— 0*001 

— 0*005 
' — 0*016 

“ 0*046 

0*679 

0*694 

0*698 

0*699 

0*697 

0*693 

0*703 

0*705 


Solutions of potassium cyanide and potassium chloride of 
equal strengths being, approximately, of the same electrical con- 
ductivity and degree of ionisation, the contact potential difference 
between them will be very small. This is confirmed by the 
agreement between the numbers in columns (4) and (5). Each 
number m column (7) should equal the sum of the corresponding 
ones in columns (5) and (6). Also, by comparing the numbers in 
columns (3) and (6), it is seen that Paschen*s * relation holds, 
namely, that the potential difference required to produce the 
maximum surface tension between mercury and an electrolyte is 
equal, in many cases, to the electromotive force of the correspond- 
ing dropping-electrode circuit. The relation fails immediately 
when the chemical action at the dropping electrode, due to atmo- 
spheric oxygen, becomes appreciable. The “ Paschen ” electro- 

• Wied . Ann ., 41 , 42 (1890). 
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motive force between mercury and a solution of potassium chloride 
remains unchanged on the addition to the solution of small quan- 
tities of sodium sulphide, although the natural potential difference 
beUveen mercury and the solution is thereby altered by more than 
half a volt. 

109. Theoretical considerations. — It has been shown in 
section (16) that the surface tension of an interface depends upon 
the concentration and nature of the solute in the solvent. Sub- 
stances which raise the surface tension are known as capillary 
inactivcy and those which depress it are termed capillary active. 
Now the capillary-active substance not only lowers the maximum 
surface tension, and therefore the maximum point of the electro- 
capillary curve, but also displaces the curve to the right or left, 
the direction of displacement depending upon which of the ions, 
anions or kations, are active. The actual direction may be pre- 
dicted in the following manner. If the anions alone are active, 
that surface of the electrical double-layer which falls in the solu- 
tion will be decidedly richer in anions than it would be if they 
were inactive. Hence the interfacial tension, and therefore the 
rising branch of the curve, is strongly depressed, as is also the 
region of the maximum.* 

Corresponding to the falling branch of the curve the inactive 
kations predominate in the solution surface-layer, so that the de- 
pression produced by the anions disappears, and the curve then 
coincides with that found for capillary-inactive electrolytes. But 
at the maximum point of the curve no change in the surface 
tension, and therefore no change in the concentration of the 
solution, can occur upon a change in the potential difference, and 
so the mercury surface must carry a negative charge at the 
maximum point in order to balance the tendency of the anions 
to adsorption which, if it occurred, would change the concentration 
of the solution. The case of capillary-active kations is exactly 
the converse, both the falling branch of the curve and its maxi- 
mum are strongly depressed, and the mercury must have a 
positive charge at the maximum point. Thus it follows that the 
applied potential difference, required to produce the maximum 
surface tension, is equal to the absolute potential of the mercury 
only when capillary inactive solutions are used. In such cases 
there is zero potential difference between the small mercury 

• Throughout the rising portion of the curve the mercury in the jet is 
positive to the solution, and therefore the mercury surface is relatively rich in 
positive ions, while the other surface of the double layer must be negatively 
charged, i.e., it contains an excess number of anions. 
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electrode and the solution, at the point corresponding to maximum 
surface tension. 

If we consider a cell containing capillary inactive solutions, its 
electromotive force is equal to the difference of the electrode 
potentials (neglecting any liquid-liquid junction potentials), and 
this sum is given by the horizontal distance between the maxima 
of the electro-capillary curves for the two solutions. This con- 
clusion is confirmed in the following example : — 

"•i 

HCl(N), Hg2Cl2 I Hg, TTi = 0*560 volt, 

H2S04(N), Hg2S04 I Hg, 7T2 = 0*926 „ 

where and ttj are the potentials corresponding to the maximum 
surface tension. The horizontal distance between the maxima of 
the curves corresponds, therefore, to 0*366 volt, and this should be 
the value of the E.M.F. of the cell 

Hg I HC1(N) II H2S04(N) I Hg. 

Actually the E.M.F. , as measured by potentiometer methods, is 
0*3669 volt. 

This reasoning cannot be applied to capillary active solutions, 

^ but, as mentioned above, an active ion exerts its disturbing in- 
fluence only on one part of the electro-capillary curve. An active 
anion does not affect the descending part of the curve, so that if 
we consider the curves for two solutions containing different 
active anions, the descending parts of the curves correspond with 
those^ which would be obtained if these solutions were capillary 
inactive. Thus, the horizontal distance between the descending 
branches of the two curves is determined entirely by the different 
mercurous ion concentration, and is equal to that which would be 
obtained over the whole course of the curves if the solutions were 
inactive. It should, therefore, be equal to the E.M.F. of a cell, 
consisting of mercury electrodes in contact with these two solu- 
tions. For example, in the cell 

Hg I KI(o* 5N) II KC1 (o- 5N) | Hg 

the horizontal distance between the descending branches of the 
curves for the two solutions corresponds to 0*399 volt, whereas the 
measured E.M.F. of the cell is 0*394 volt. 

110. Electro-capillary phenomena at other interfaces. — 

Various investigators • have measured the electro-capillary curves 

• See Rothmund, Zeits. phys. Chem., 15 , i ^1804.) ; Meyer, Wied. Ann., 
53,845(1894); 56,680(1895). 
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for amalgams. Now amalgams of metals less noble than mercury 
behave, as regards their interfacial potential difference, like pure 
metals when their metal content exceeds a certain amount. As 
long as the metal does not react with the solution, the applied 
potential difference, necessary to produce the maximum surface 
tension, should be equal to the potential difference between the 
metal and the solution in question. Amalgams actually give, 
in electrolytic solutions, electro-capillary cur\es similar to those 
of mercury, and the expected relation is fulfilled to a considerable 
degree for metals such as lead, bismuth and copper. 

If one phase dealt with at a liquid-liquid boundary is a metal, 
matters are comparatively simple. Theoretically, because only 
one kind of ion, the kation for preference, f.e., the kation of the 
metal in question, passes from one phase into the other. At the 
boundary of two other liquids, say an aqueous solution and an 
organic liquid, one must, on the other hand, take into account the 
transference and distribution of all the various ions present. 

Few experiments have been made in this direction. Krouchkoll * 
and Kandidow f set up a capillar)' electrometer, using ethyl ether 
saturated with uranyl nitrate as one phase, and an aqueous solu- 
tion, also saturated with the same substance, as the other phase. 
They found an electro-capillary curve with a maximum when 
the positive electrode dipped into the aqueous solution, and the 
negative into the ethereal solution. Wild X determined the electro- 
capillary curves for various electrolytic solutions in different non- 
aqueous solvents. The electrode potentials, tti, tto, of the chain 

M * MX * MX M, 

Phase 1. Phase 11. 

formed by shaking an aqueous solution of MX with a second non- 
aqueous solvent until distribution was attained, have been deduced 
from the electro-capillary curves. The results show that in all 
cases TTj = TTg. Since the phase potential, rrg, equals ttj it 

follows that TTg is either zero or exceeding small, less than 5-10 
millivolts. While this conclusion holds for all solvents, it is by 
no means certain that it is true for all ions. 

111. Theories of electro-capillarity, — Two theories have 
been put forward to account for the changes in the surface tension 
of mercury, produced by the application of a potential difference 
across the interface. According to Lippmann the effect is to be 

• Ann. de Chim. et de phys., 17, 129 (1889). 

t Zeits. phys. Chem., 83, 587 (19*3)- X Ibid., 103, i (1922). 
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regarded as a purely electrostatic one, due to the tendency of the 
electrical charge at the surface to expand so as to reduce the surface 
tension. On the other hand, the variation in the surface tension 
is also attributed to the change in the concentration of the mer- 
cury ions near the interface, brought about by the applied potential 
difference. 


Considering Lippmann’s theory first, we may imagine that a 
surface area increase, 8^, is accompanied by an increase, SjJ, in 
the charge residing on the mercury surface, so that if the potential 
of the electrolyte be reckoned as zero, and that of the mercury, 
7T, the change, hE, in the energy of the “ double layer condenser,'* 
formed by the opposite charges at the interface, is given by 

BE = SBA + ttBQ, 

where S is the interfacial tension. But Q = cAtt^ where c is the 
capacity per unit area. Thus, 

BQ = cnBA + cABtTj 

or BE = (iS -|- C 7 t^)BA + cAttBtt. 

Since BE is a perfect differential, 



the minus sign indicating that S decreases as tt increases. Inte- 
grating, we have 

S = Sq — . . . (139) 


where Sq is the surface tension arising from the non-electrical 
distribution of energy. Equation (139) gives the relation between 
the observable surface tension and the potential difference at the 
mercury surface. If the only effect of the potential difference is to 
produce an electrostatic surface energy, represented by per 
unit surface area, then the observed surface tension should have a 
maximum at tt = o, even though c may be variable. It must be 
remembered, however, that the observed variation in the surface 
tension need not be due solely to a variation in The non- 

electrical surface energy, represented by may vary with the 
potential difference. A variation in the potential difference at 
the interface may be accompanied, not only by a variation in 
the electrostatic surface energy, but also by a variation in the 
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distribution of the matter in the neighbourhood of the surface, 
and it seems that we cannot consider the phenomena as if they 
were due to a certain non-electrical distribution, upon which is 
superposed an electrostatic double layer, the latter producing 
no other effect than that represented by its electrical energy. 
Hence the maximum surface tension may not correspond to zero 
potential difference, since the maximum surface tension may arise 
from the fact that non-electrical effects, accompanying the change 
in the potential difference, and tending to reduce the surface 
tension, pass through a minimum value as the potential difference 
changes. This minimum value need not necessarily correspond 
to zero potential differences. 

Equation (139), which is of parabolic form, is the equation of 
the electro-capillary cur\^e. From the approximate parabolic 
nature of some of the curves (Fig. 38), through a considerable 
portion of their course, the Lippmann theory leads, not only to 
the view that throughout a considerable range the capacity per 
unit area is constant, but also makes it possible for the value of 
this capacity to be calculated. Assuming the specific inductive 
capacity of the dielectric of the double layer to be unity, theory 
allows, further, an estimate to be formed of the distance between 
the parallel charges forming the double layer. Also, since 
Q = cAtt, equation (139) may be written thus, 


2)7r 


2 = Q„ X 10’, 


where Qo is the charge, measured in coulombs, on the double layer, 
per square centimetre, and n is expressed in volts. 

According to Gibbs,* the interfacial potential difference brings 
about a change in the concentration of the mercury ions about the 
electrode, and we may therefore use the principles of section ( 16 ) 
to investigate electro-capillary phenomena. 

Consider a closed surface, drawn about the portion of the 
mercury solution interface at which the conditions are to be in- 
vestigated, containing parts of the two homogeneous phases, /.e., 
metal and solution, and cutting the non-homogeneous parts, where 
the phases merge into each other, normally to the interface. The 
volume within this surface can be divided into two parts by a 
dividing surface, drawn parallel to, and sensibly coincident with, 
the actual surface. According to Gibbs, any constituent of a 
system, in equilibrium, must have the same thermodynamic 
potential in all phases of which it is a component. Hence, when 
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equilibrium has been established across the interface separating 
a metal and an electrolyte containing its ions, the thermodynamic 
potential, F^, of the metallic ions must be the same in both 
phases, f.e., on either side of the dividing surface. If, at the instant 
when the metal comes into contact with the electrolyte, it is not 
at the electrical potential necessary for equilibrium, the thermo- 
dynamic potential of the metal ions in the two phases will differ, 
and consequently some of them will pass from the phase in which 
their potential is higher to that in which it is lower. In order to 
preserve equilibrium, when the electrical potential of the mercury 
is changed by Stt, the thermodynamic potential of the mercury 
ions in the solution must change by SFHg+, where 

SFHg+ = ^Hg+^TT, . . . (14®) 

^g+ being the charge in coulombs on the gram ion. An increase 
in the concentration of the mercury ions will be accompanied, in 
general, by an adjustment in the concentration of the electrons in 
order to preserve electrical neutrality, and so, for the electrons, 

8 F, = .... (14^) 

Hence, from equation (37), 

= - CHg-HSFHg+ - C,SF„ . . (142) 

where CHg+ and C, represents the concentrations, in gram-equiva- 
lents per square centimetre, of the mercury ions and electrons, 
respectively, and S is the surface tension when the superficial 
concentrations remain constant. Thus, from equations (i4o)» 
(141) and (142), 

7 iS 

= — CBg+gsg+ — C,q,. . . . ( 143 ) 

The values of CHg+ and C, depend upon the position of the divid- 
ing surface. Consider it to be placed so that the excess of the 
mercury ions on the mercury side of the interface is zero, i.e.y the 
electrical charge upon the mercury is equal to the superficial 
excess, or deficiency, of electrons upon it. Other ions, repre- 
sented by A*, y, etc.y present in the solution, may be adsorbed at 
the mercury surface, but since, on the whole, the separating 
surface is electrically neutral, 

C’Hg+9Hg+ + + Cx^x H“ C'v^v = o* 

If no mercury ions are specifically adsorbed, the charge of the 
excess electrons on the mercury side of the interface is equal, and 
opposite, to the charge of the excess mercury ions in the solution. 
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Schofield * placed the dividing surface where the concentration 
of the mercury ions is zero, so that, from equation (143), 

— — — 


Z)Tr 

from which we obtain an expression, similar to that deduced from 
Lippmann’s theory, namely, 

^ = Q„ X 10’. 

Butler,']' however, has pointed out that a choice of position 
of the dividing surface, which makes CHg+> or C* * * § , zero, tends to 
an illusory result, for under these conditions CHg+^g+, or 
cannot be identified with Qp, the charge on the double layer. 

When mercury ions are adsorbed at the surface, CHg^-^g+ + 
is not necessarily zero, since we now have an additional surface 
density of mercury ions at the surface above that corresponding 
to the electron charge, this additional amount consisting of 

Accompanying Positn^ Ions 

4- + + + + + to maintain Neutrality- 

Corn file — — — — — — — — — — — £/ectrons. 

Anio n^ Dividing Surface- 

+ + + 4“ “b* + Positive Ions. 

Fio. 39. — Electro- capillary adsorption. 


4- 


4- 

Fio. 


complex anions coming from the solution. The electrical double 
layer now assumes a complex nature because, in order to preserve 
electrical neutrality in the interface as a whole, the excess number 
of complex anions must be accompanied by an equivalent amount 
of positive ions. The double layer will thus be of the form shown 
in Fig, 39, and the electrical work, done during the adsorption of 
the anions, may be much less than that corresponding to the total 
potential difference across the interface. 

Gouy,t and Frumkin,§ have developed theories which are 
combinations of Lippmann’s theory and Gibbs’s relation for the 
lowering of the surface tension by adsorbed substances. Frum- 
kin’s equation is 

5*5 = — CHg+9Hg+^ — 

in which the first term represents the normal effect, and the 
second the effect of the adsorption of capillary active ions, F, 

• Phil. Maj'., 1 , 641 (1926). 

t Ptoc. Roy. Soc., A, 113 , 594 (1927). 

X Ann. d. Phys., 7, 129 ( 1917 ). 

§ Zeits. phys. Chem., 103 , 55 (1923) ; Zeits.f. Phys., 35 , 792 (1926). 
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being the thermodynamic potential, in the superficial layer, of 
ions of the fth kind. A similar expression has also been developed 
by Rice.* Since Cj is, in general, a function of tt, the equation is 
only a partial expression for the change of surface tension with 
potential difference, and its integration demands a knowledge of 
the relation between C,- and tt. 

Butler f shows that Gibbs’s equation, by itself, is inadequate 
to account for the electro-capillary curve anomalies, and holds 
that an electrostatic effect should also be included. From his 
theory he deduces the relation, 

^ = - 2Q0 - Cag^Hg - 

in which the first term represents this electrostatic effect, while 
the second and third terms represent the effects of the adsorbed 
mercury ions, and of other adsorbed ions or molecules, respec- 
tively. Ci itself varies with tt, and can be calculated only by 
kinetic methods. The equation accounts quantitatively for the 
electro-capillary curves in iodide solutions, and qualitatively for 
all types of curves exhibited by salt solutions. 

Kruger J also explains the anomalies of the electro-capillary 
curves on the adsorption theory, and shows that the anomaly 
increases with increasing stability of the corresponding complex 
salts. This relationship, however, does not hold generally, since 
the stability of complex salts increases in the following order, 
nitrates, sulphates, iodides and cyanides, whereas the maximum 
surface tensions of mercury in normal solutions of the nitrate, 
sulphate, iodide and cyanide of potassium are 98*95, 100*17, 94’0 
and 96*6 C.G.S. units, respectively. 

In the absence of active ions, we should expect surface tension 
measurements to yield the same potential differences at the 
junctions Hg | KI, Hg | KCl, provided that the solutions are of 
the same ionic concentration. Since the potentials are not equal, 
it is assumed that complex anions are adsorbed at the UgJ KI 
junction, but not at the other, the difference in the maxima of the 
electro-capillary curves being attributed solely to this adsorption 
effect. 

Similarly, although a mercury dropping electrode is at the 
same potential as the surrounding liquid, if the latter contains no 
active ions, it will certainly have a potential, different from that 
of the liquid, if active ions are present, the actual electrical charge 
upon unit area of the mercury surface in this case being the same 

• Jottr. Pkys. Chem.y 30 , 150X (1926). \ hoc. eiU 

X Zeits. EUktroc., 19 , 68i (19x3). 
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as that which the mercury surface possesses in the maximum 
surface tension state. In the dropping-electrode experiment the 
fresh mercury' surface not only takes up, or gives off, mercurous 
ions, but also adsorbs capillary' active ions, if present, both anions 
and kations. At the point of entry of the jet there is a tendency 
towards a state in which the charge on the mercury’ balances the 
adsorption of similarly charged active ions. 

Summarising, we may say that in capillary inactive solutions 
true single potential differences may be determined, both from 
the electro-capillary curve and by means of the dropping electrode. 
This is not the case if the solution contains any capillary active 
substance, both methods yielding the same deviation. 

Liebreich * found that with several electrolytes the maxima of 
the capillary curves correspond with the formation of hydroxides 
at the mercury surface. Further, immediately after the maximum 
is passed, hydrogen gas is generated which frees the surface from 
the hydroxides. Hence the negative branch of the curve corre- 
sponds with a bright metallic mercury surface, and the positive 
branch, and the maximum, with a surface coated with hydroxides 
or basic salts. The cleansing of the surface begins at the maxi- 
mum. He assumes that the anomalies of the curves are related 
to this phenomenon. Such a connection may possibly lie in a 
diminution of the surface tension by partial solution of the 
hydroxides, or basic salts, in the mercury, or, more probably, in 
adsorption of the anions in question. 

Schofield t has measured the amount of mercurous sulphate 
adsorbed at a mercury surface in contact with an electrolyte 
containing this salt, and found that it corresponds with that cal- 
culated, from surface tension measurements, by means of Gibbs’s 
adsorption equation. He identified the number of mercurous 
ions, adsorbed at a freshly expanded interface, with the number of 
ions which, on the Nemst theory of electrode potential, are de- 
posited on the mercury interface, and impart to it their charge. 
He suggests that the surface charge may be set up by a retreat of 
electrons from the surface, f.e., by a flux of electricity across the 
interface. The flux may in turn be regarded as producing at the 
surface, in accordance with Faraday’s law, the same quantity of 
mercurous sulphate as would be adsorbed from solution if no 
electrical flux had taken place. 

112. The absolute zero of potential. — As we have seen, 
the Lippmann-Helmholtz theory of electro-capillarity postulates 


• Zeits. Elektroc.t 32 , 162 (1926). 
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that, at the maximum interfacial tension, the electrical double-layer 
vanishes. However, modem ideas of molecular orientation at 
liquid-liquid boundaries, due to molecular dipoles, necessarily 
lead to the view that, at the surface of uncharged mercury, a new 
double layer, due to the adhesive layer of solvent, or ions, must 
arise. We can thus never eliminate the electrically charged 
layers, and the idea of an absolute zero of potential becomes 
meaningless. 

From capillary electrometer and dropping-electrode experi- 
ments the absolute potential of the normal calomel electrode is 
taken to be about 0*56 volt, with the mercury positively charged. 
On the other hand, Billitzer * tried to obtain the absolute zero 
by an entirely different method. Metals are ordinarily charged 
negatively when suspended in water. By adding substances to 
the water, Billitzer caused the metal to become positively charged, 
and took the condition, when the metal had no charge, as indicat- 
ing zero potential difference between the metal and the solution. 
According to these results, the potential difference of the normal 
calomel electrode would be about o*i8 volt, with the mercury 
negatively charged. In other words, the point of zero potential 
is displaced about 0*74 volt towards the oxygen end of the scale 
of absolute potential. 

Billitzer’s results have been criticised by Blake,")* and by 
Goodwin and Sosman,J but work by Garrison § has confirmed 
Billitzer absolutely, as far as measurements are concerned. 
Heyrovsk^ H also believes that the absolute zero of potential is, 
approximately, o-8 volt in error. Bodforss ^ found a value 0*4 
volt for the normal calomel electrode, with the mercury positively 
charged. 

With a discrepancy of from 0*7 to o*8 volt for the absolute 
potential zero, between two methods, for which the experimental 
error does not exceed a few hundredths of a volt, the only possible 
explanation is that two different quantities are being measured. 
This is the solution proposed by Smoluckowski,** and accepted 
both by Freundlich -ff and Svedberg.J J Thus, although electro- 
capillary phenomena suggest that the absolute zero potential 
occurs at, approximately, — 0*28 volt, f.e., 0*28 volt below the 

• Zeits. Elektroc., 8, 638 (1902) ; Ann. d. Phys.^ 11 , 902 (1903) ; Zeits.phys. 
Chtm., 45 , 327 (1903) ; 48 , 513, 542 (1904)- 
■\ Jour. Amer. Chem. Soe., 26 , 1378 (1904). 
j Phys. Rev., 21 , 129 (190s)- 
§ytmr. Amer. Chem. Soc., 45 , 37 (1923). 

II Proc. Roy. Soc., A, 102 , 628 (1923)- 
q Zeits. Elektroc., 29 , 121 (1923)- 
•• Graetz, Handbuch der EUktrissitdt (1914). 

tt Kapillar-Chemie (1923)- it Colloid Chemistry (1924)- 
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potential of the normal hydrogen electrode, the absolute zero 
potential cannot be definitely fixed. 

113. Electro-kinetic phenomena.— An externally applied 
electromotive force may produce a displacement of a liquid along 
a boundary surface ; for example, across a diaphragm, or along 
a capillary tube. This effect is known as electro-endosmosis. 
Perrin • suggested that the inner wall of such a capillary' tube be- 
came coated, as it were, with an electrical double layer, one charge 
being on the liquid in immediate contact with the glass, and the 
other on the glass, so that an external potential difference, applied 
between the ends of the tube, causes the movable inner layer to be 
displaced relatively to that upon the walls, its direction of motion 
depending upon the sign of the electrical charge. We may regard 
this double layer as a condenser charged to a certain potential 
difference. In pure water the wall, for the great majority of 
solids, is charged negatively with respect to the movable water, 
and therefore the latter moves towards the negative pole in capil- 
laries of glass, quartz, and shellac, and through diaphragms of 
clay, carborundum, asbestos, etc. Among the many factors which 
influence electro-endosmosis may be mentioned the applied electro- 
motive force, the kind and arrangement of the diaphragm, the kind 
and concentration of the electrolytes present, and the temperature. 

Perrin found that the negatively charged diaphragms became 
more negative when an alkali was added, and less negative with 
the addition of an acid, or salt. With increasing acid concentration 
they became neutral and, finally, positive in sign. He also found 
that, in general, the greater the valence of the kation of an added 
salt, the greater was the decrease in the potential difference be- 
tween this type of diaphragm and the solution ; and the greater the 
valence of the anion of an added salt, the greater was the decrease 
in the potential difference between the diaphragm and the solution. 

The rate of electro-endosmosis flow through a capillary tube is 
given by the equation, 

ivD 

V = , 

47nja 

where v is the volume of liquid which passes a cross-section of the 
tube in unit time, ir, the potential difference of the double layer, 
D the dielectric constant of the medium within this layer, tj the 
coefficient of viscosity of the liquid, f, the electric current and a the 
specific conductance. 

If electro-endosmosis takes place in such a way that a difference 

•Jour. Chim . Phys ., 2 , 601 (1904) ; 3 , 50 (1905). 
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of level results, the hydrostatic pressure, />, which will be estab- 
lished, is given by the equation, 


2irZ)E 



E being the applied electromotive force, and A the cross-section 
of the tube. 

The phenomenon of cataphoresis, the reverse of electro- 
endosmosis, is the movement of solid particles against a liquid ; 
i.e.y solid particles, suspended in a liquid, will migrate, under the 
influence of an applied electromotive force, to one, or other, of the 
electrodes, according as they are positively or negatively charged. 
When small quantities of some electrolytes are added to suspen- 
sions cataphoresis ceases, the colloidal particles in suspension co- 
agulate, and are precipitated. The ions which are most effective 
in causing precipitation are those having an electrical charge 
opposite in sign to that carried by the suspended particle, and the 
precipitating action is greater the higher the valence of the ions. 

The velocity, w, with which a suspended particle moves through 
a liquid towards an electrode is given by the equation, 

wZ)E 

u = 

47T7?/ 

where / is the distance between the electrodes. 

Electro-kinetic phenomena are widely utilised in various com- 
mercial processes. 
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CHAPTER VIII. 


POLARISATION. 


114. Polarisation. — Theoretically, every cell reaction is re- 
versible with infinitely small currents, but, in practice, there are 
very few examples in which an experimentally deterrnined electro- 
motive force is equal to the reversible electromotive force, for 
measurable currents. To pass a finite current through a cell, 
the applied electromotive force must be greater than the reversible 
value, even after due allowance is made for the potential difference 
required to overcome the electrical resistance. This difference, 
produced by electrolysis, is known as polarisation. ^ 

In some cases the cause of polarisation is evident. Thus, 
when an electric current is passed between copper electrodes, 
immersed in copper sulphate solution, copper goes into solution 
at the anode, and is deposited from the solution at the katrmde. 
Accordingly, there are concentration changes in the immediate 
vicinity of the electrodes, these changes giving nse to an electro- 
motive force which is opposed to that applied. To pass an 
electric current through the cell, work equivalent to that 
to produce these concentration changes must be performed, 
cell now yields an opposing electromotive force termed concentra- 
tion polarisation. The concentration changes may occur, 
in the layer of electrolyte in contact with the electrode, but also 
in the surface layers of the electrode adjacent to the electrolyte. 
Reactions such as this, in which the small changes that occur 
may be attributed to concentration changes m the electrolytic 
boundary layer, are reversible, as, for example, 
hydrogen ions at platinised platinum, givmg rise to hydrogen 
the electro-deposition of metals from their simple salts, oxidation 
and reduction processes, Fe-+ ^ Fe-+-, and the anodic solution 

of many metals in different electrolytes. . . . u 

The reversibility of any electrode is limited, m practice, oy 

the concentration polarisation that occurs when f."y 
quantity of electricity is passed across the 

There ire cases, however, where the observed polan^uon is too 
great to be explained solely on the basis of concentration changes. 
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Thus, when electricity is passed between platinum electrodes, 
immersed in dilute sulphuric acid, oxygen gas is produced at the 
anode and hydrogen at the kathode. Even before any visible gas 
bubbles have formed, very small amounts of these gases are 
liberated and adhere to the platinum, either in the form of a 
condensed layer on the surface, or, actually in solution in the metal. 
The platinum plates, neutral to begin with, are thus transformed 
into oxygen and hydrogen electrodes, and are said to be polarised. 
If, now, the decomposing current is stopped, and the two elec- 
trodes joined by a wire, the arrangement yields an electric current, 
which passes in the opposite direction to the original, or charging, 
current. It originates from the polarisation effects, the gases 
which cling to, or have penetrated into, the plates, giving rise 
to the current. As soon as the gases disappear, it ceases. 

115 , Back electromotive force. — Polarisation may be 
studied by using a gas cell of the type shown in Fig. 40, applying 



a gradually increasing potential difference to the cell from the 
potentiometer, and noting the relation between the current flowing 
and the applied potential difference. Thus, if the contact, P, is 
near B, so that a small potential difference is imposed on the cell, 
the galvanometer shows an initial deflection which rapidly de- 
creases practically to zero. The current does not cease altogether. 
Oxygen and hydrogen both being soluble in water, pass slowly off 
from the electrodes into the electrolyte. There they may either 
escape into the atmosphere, or recombine. The polarisation of 
the plates therefore slowly disappears of its own accord, or would 
do so, but for the fact that it is maintained by the renewed action 
of the applied electromotive force. The small steady current, 
indicated by the galvanometer, is the value required to maintain 
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the polarisation that is being dissipated, and is usually called the 
residual current. 

The galvanometer deflection increases slowly with the imposed 
electromotive force, until the latter reaches a certain critical value, 
Ej. When once this critical value is passed, the current rises rapidly 
with any further increase in the applied electromotive force. E^ 
is equal to the opposing electromotive force plus the product of 
the electrolytic resistance and the residual current. As the latter 
is extremely small, we may take E^ to be approximately equal to 
this opposing, or back electromotive forcey Ep. The latter may be 
determined, experimentally, by allowing the current from the 
battery to flow for a few minutes, and noting the value of the 
potential difference across the electrodes of the gas cell, immedi- 
ately the primary current is shut off. 

If the gas cell contains platinum electrodes immersed in dilute 
sulphuric acid, and the imposed electromotive force is raised to 
about i-ii volt, the platinum electrodes become saturated with 
oxygen and hydrogen, respectively, and any further electrolysis 
will be without effect in this direction. In effect, oxygen and 
hydrogen electrodes have been formed with definite potentials 
and, accordingly, the back electromotive force has reached a 
stationary value. The latter corresponds to the energy change in 
the reaction, -f- OH~ ^ H2O, and may be described as the 
theoretical, or reversible, electromotive force of the cell. It is 
independent of the addition of acids and alkalis to the water. 
Thus, according to the mass action law, 

where [OH“] and [HgO] represent the concentration of the 

hydrogen ions, hydroxyl ions and water, respectively. Since the 
concentration of the water remains practically constant, we have 

[H+][OH-] = constanty 

so that if the value of log [H"*"] is increased, by adding acid, that 
of log [OH~] must be decreased by an equal amount. But the 
electromotive force of the hydrogen-oxygen cell is proportional to 
log [H+] plus log [OH“], and, therefore, the electromotive for^e 
between the two electrodes is independent of the values of [OH ] 
and [H+]. 

Kohlrausch * showed that the difference of potential, E, 
between the electrodes of an electrolytic cell through which a 
current, f, is passing, is given by the equation, 

E = + P^idt, 

• See Kohlrausch and Holbom, LeitvermSgen der Elektrolyte-” 


POLARISATION 


279 


where R is the ohmic resistance of the electrolyte, and P is a 
function which depends both upon the nature and the size of the 
electrodes, and the nature of the electrolyte, but is independent of 
E. This relationship is similar to that which would be expected 


tdnckz ; 
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Fig. 41. — Polarisation effects. 


C, 


if we had a circuit of two condensers of capacity Cj and Cg* respec- 
tively, placed in series with a resistance P, as shown in Fig. 41. 
In this arrangement, if E, E,, Eg, o represent the potentials of 
the various condenser plates, then. 


and 
Since 
we have 


E - E, = -(idt, 

El - E2 = Ri, 
^ = + 


which is identical in form with Kohlrausch’s equation, if P is 

1 I I I 
equal to h — • 

^ Cj C2 

We may suppose that when an electric current passes through 
the electrolyte, gas is adsorbed at the surface of the metal elec- 
trodes, this adsorbed gas layer acting as the dielectric of a con- 
denser. If the electromotive force applied to the cell is small, 
electric charges exist on the opposite faces of these condenser-like 
layers, although, since the condensers are probably very “ leaky,” 
there Will be a ” leakage current ” through them, and so through 
the electrolyte. As the electromotive force is increased, the 
potential gradient across the adsorbed gas film becomes too great 
for the charges to remain as they were, and the anions and the 
kations are actually deposited upon the electrodes. This deposi- 
tion point corresponds to the sudden change in the galvanometer 
deflection as the electromotive force is increased. 

116 . Decomposition voltage, — The value of the applied 
potential difference at which the current suddenly increases, and 
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continues to rise proportionately to the potential difference, is 
known as the decomposition voltage. At this stage deposition of 
the anions and the kations, Le., separation of the ions, occurs, and 
since this decomposition voltage is approximately equal to the 
back electromotive force, which, in turn, is equal to the algebraic 
sum of the potential difference at the electrode-liquid interfaces, 
it follows that the decomposition voltage must exceed the sum 
of the electrode potentials. 

The value of a decomposition voltage may be determined ex- 
perimentally in two ways. If the potential difference applied to 
a solution is greater than the opposing electromotive force, the 
circuit may be broken, the opposing electromotive force measured 
by means of a voltmeter, and the result is the required decom- 
position voltage. An alternative method is to gradually increase 
the current through the solution and plot corresponding values 
of the current and applied potential difference. That value of 
the latter at which a sudden increase in the current occurs is the 
decomposition voltage. 

Le Blanc,* using platinum electrodes in normal solutions of 
salts from which the metal was deposited, obtained the results 
given in Table LX. It will be observed that, whereas the values 

TABLE LX. 


Decomposition Voltages. 


1 

Decompositioo 


DecoADOsitioD 

Electrolyte^ 

Voltage. 

Electrolyte. 

Voltage. 

(VolU.) 


(Volts.) 

Zinc sulphate 

2-35 

Perchloric acid . 

1*65 

Zinc bromide 

i'8o 

l^rotartaric acid . 
Trichloracetic acid 

1-57 

Cadmium chlot ide 

1*88 

1*51 

Cadmium sulphate 

203 

Hydrochloric acid 

131 

Cadmium nitrate 

I’98 

Hydrazoic acid . 

1*29 

Nickel chloride . 

i-8S 

Oxalic acid 

0*95 

Nickel sulphate . 

2'09 

Hydrobromic acid 

0-94 

Silver nitrate 

0'7o 

Hydriodic acid 

0*52 

Lead nitrate 

I'S* 

Ammonium 


Cobalt chloride . 

1-78 

hydrate . 

1*74 

Cobalt sulphate . 
Sodium hydroxide 

1*92 

1*69 

Methylamine 

i‘ 7 S 

Potassium hydrox- 
ide 

I '67 

Diethylamine 

x-68 

Sulphuric acid 
Nitric acid 

f 67 

1*69 

Tetramethyl 

ammonium 

hydrate . 


Phosphoric acid . 
Monochloracetic 

1-70 

i 

1-74 

acid 

1 172 

' 


• Zeits. phys. Chem., 8, 399 (1891) ; 12 , 333 (1893). 


POLARISATION 



for metallic salts vary from metal to metal, those for acids and 
alkalis are never above 1*67 volts, corresponding with the separa- 
tion of hydrogen and oxygen at the platinum electrodes. Acids 
and alkalis, which evolve hydrogen and oxygen on electrolysis, 
have this maximum decomposition potential, nearly independently 
of the solution concentration. For acids which are more easily 
decomposed, the numbers increase on dilution, and there is a 
simultaneous change in the nature of the products. 

117 . Overvoltage. — If an electric current is passed for about 
half an hour benveen platinum electrodes, immersed in dilute 
sulphuric acid, and the circuit is then broken, it is found that a 
potential difference of about I’l volts exists between the elec- 
trodes. The latter have become saturated with hydrogen and 
oxygen gas. respectively, and the potential difference represents 
the theoretical, or reversible, electromotive force of the gas cell. 
On the other hand, if acidulated water is electrolysed, the poten- 
tial difference that must be applied before visible gas evolution, 
in the form of bubbles, commences, is always greater than this 
value, and varies with the nature of the electrodes between which 
the solution is electrolysed. A definite excess voltage over the 
thermodynamically reversible value is required, and this excess is 

known as the overvoltage ^ or overpotential. 

Unfortunately, a confused nomenclature is used in connection 
with this phenomenon. When a current traverses an electrolytic 
cell, the total potential difference, E, between its terminals may 
be subdivided into several components. There is first the poten- 
tial drop, iR, due to the resistance of the liquid, and secondly, a 
voltage, Eo. corresponding to the chemical reaction accompanying 
the current. This voltage. Eq, can be calculated from Helmholtz’s 
equation (107). If the current is stopped, and the electrodes 
connected to an electrostatic voltmeter, yet another voltage, Ep, 
is observed. Some authors have used the term overvoltage to 
indicate E - fi? - Ep, others prefer to regard Ep - Eo as the 
overvoltage. As a rule, it is usual to take as the definition of this 
phenomenon, the potential, in excess of the reversible electrode 
potential, necessary to discharge the gas at the electrode, both 
potentials being measured under identical conditions as regards 
the external pressure, the temperature and the concentration of 
the solution. The term has been extended to mean the difference 
in potential between a revers'.ble gas electrode and the test 
electrode at which the same gas U being liberated in the same 
electrolyte at some definite current density. Thus, the hydrogen 
overvoltage on a lead kathode, at a given current density, will 
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be the potential difference between that lead kathode and the 
solution, when hydrogen is evolved at the kathode, less the 
potential difference between a reversible hydrogen electrode (in 
practice platinised platinum with no current flowing) and the 
same solution at the same temperature and pressure. For 
example, one would expect that the evolution of hydrogen gas 
would begin at the kathode as soon as the potential of the latter 
is depressed below zero volt ; actually it begins at — 0*005 volt, 
if the kathode consists of platinised platinum. With a zinc 
kathode it does not commence until the kathode potential, 
relative to the solution in contact with it, is — 0*7 volt. This 
value is the overpotential of hydrogen evolution upon the zinc 
surface. 

Overpotential should be distinguished clearly from polarisation, 
the gradual change in potential with current density. The ordinary 
type of polarisation can be made negligibly small if we carry out 
the electrode reaction slowly, i,e.y with a small current density, 
but overpotential is quite different. It cannot be eliminated by 
working with small currents. Until the kathode potential of zinc, 
for instance, is 0*70 volt below the equilibrium potential, hydrogen 
gas is not produced at all in the form of bubbles. At this point, 
what we may term a kind of supersaturation of the zinc with 
hydrogen becomes so great, that the gas is freely evolved. 

Caspar! * first studied overvoltage quantitatively, and many 
other investigators have measured it for various electrodes under 
different physical conditions. 

118 . Measurement of overvoltage. — Opinion is divided as 
to the proper method of measuring overvoltage experimentally, 
especially when high current densities are used. Two distinct 
methods have been employed, namely, (i) the direct methody m 
which the electrode potential is determined while the current is 
flowing, and (2) the commutator method, where the current is 
periodically interrupted by means of a rapidly rotating commu- 
tator, and the electrode is connected to a potentiometer only 
during the period of interruption. In either case the measure- 
ments are made against a normal hydrogen electrode, or some 

other type of standard electrode. 

Any correct method of measurement must fulfil the first two, 
and if the current is interrupted, all of the following requirements, 
namely, (i) neither the size, nor the shape of the containing vessel, 
nor the distance between the anode and kathode should exert 
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any influence ; (2) by definition, the value found must re- 

present a potential difference and not a resistance ; this entails 
the elimination of appreciable potential drops due to resistance 
of the electrolyte, or any resistance at the electrode surface ; 
(3) if the measurement is made while the current is interrupted, 
the back electromotive force must be instantaneously constant, 
and have the same value as when the exciting current is forming ; 
there should be no potential fall during the interruption period. 

To measure the overvoltage at various metals, the anode and 
the kathode must be separated in such a way that the possibility 
of contaminating the kathode with anode material, or with elec- 
trolyte from the anode compartment, should be reduced to a 
minimum. One form of apparatus used by Harkins and Adams * 



in the measurement of overvoltage is shown in Fig. 42. The 
anode compartment. A, contained a hydrogen electrode, «, as the 
anode. Hydrogen gas could enter through the tube b and escape 
by way of the outlet c, and the electrolyte could be withdrawn 
through the side tube d. Connection with the kathode compart- 
mentfc, was provided by means of the large glass tube e, bent 
in the manner indicated. This kathode compartment contained 
a glass tube, /, through which the various kathodes under observa- 
tion could be introduced, and removed, without disturbing any 
part of the apparatus. Hydrogen passed from the hydrogen 
compartment, H, into the kathode compartment through the 
tube g and escaped by way of the tube h. A third tube, i, 
drawn out into a capillary jet, formed one arm of the bridge. 
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Hydrogen could be passed into the compartment H, through the 
tube m, and out through the tube^. The capillary end of i was 
brought into contact with the kathode in C and the fall of potential 
between the hydrogen electrode H and the kathode, as measured 
by means of a potentiometer, gave the overvoltage. 

In the usual commutator method of measuring overvoltage, 
one segment of the commutator connects the polarising current 
for a definite time interval, and after breaking the current, another 
segment connects the potentiometer for an equal time interval. 
Unless the overvoltage is constant after disconnecting the elec- 
trolysing current, the potentiometer must of necessity measure 
an average of the potential, and give a value without any meaning. 
One type of commutator, as used by Knobel,* is shown in Fig. 43* 
It consisted of a two-piece shaft, the parts being insulated from 
each other by the hard rubber bearing, C. A wheel, A, controlled 



the electrolysing current and a strip of phosphor bronze served as 
a brush. A slip ring, D, was used as a return connection for the 
current. Connection was made with the potentiometer circuit by 
means of a point contact, F, on the hard rubber wheel, B. This 
wheel could be turned on the shaft so that F might make contact 
at any desired phase relation with respect to the contact of the 
current on A. Thus, by successive adjustments of B with respect 
to A (read on the scale G) the overvoltage at any desired time after 
the current was made, or broken, could be obtained. In practice, 
the time taken for the overvoltage to decrease to zero is greater than 
that which elapses between switching on a current and the over- 
voltage attaining its maximum value. Accordingly, arrange- 
ments must be made so that the current is off for a longer period 
than that during which it flows. In KnobeEs apparatus this 
effected by means of a secondary contact device geared to the 

shaft. 
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119 . Comparison of the methods of measuring over- 
voltage, — It is interesting to compare the values of the over- 
voltage, as determined by the direct and commutator methods. 
Tartar and Keyes,* using the apparatus shown in Fig. 44, measured 
the overvoltage at kathodes of different metals by both methods. 

The experimental cell, A, was connected to the cell electrolyte 
contained in C by means of the capillary connection, B, the 
saturated potassium chloride solution in D, forming a bridge for 
the normal calomel electrode, E. The manner in which the 
commutator, F, connected the polarising current, and then com- 
municated the potential of the kathode in A to the potentiometer, 
P, is evident from the figure. S was a standard cell, K, a key. 



and M a milliammeter by means of which the polarising current 
was read The results which these expenmenters obtained for 
various metals, using a lead anode and 0-5 normal sulphuric acid, 

are given in Table LXI. , 1 1 r 1 • 

Under conditions which afford reproducible values of polarisa- 
tion there is a wide divergence between the values given by the 
direct and commutator methods, and it is fairly obvious that the 
quantities measured are not the same. The smaller values, given 
by the commutator method, are considered by Newbery f to be a 
correct measure of overvoltage, the higher values, obtained by 
the direct method, being attributed to the existence of an ohmic 

•Jour. Amer. Chem. Soc., 44 , 557 (1922). 
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TABLE LXI. 

Kathode Overvoltages Measured by the Direct and Commutator Methods. 


Current Density 
amps./$q. dcm. 

Pt.-Platinum. 

Nickel. 

Copper* 

IroiL 

Com- 

mutator 

(volt)* 

Direct 
, (volt)* 

Com- 

mutator 

(volt)* 

Direct 

(volt)* 

Com- 1 
mutator 
(volt)* 

Direct 

(volt)* 

Com- 

mutator 

(volt). 

Direct 

(volt)* 

0*26 

1 

0*01 I 

0*01 1 

0238 

0-312 

1 

1 

0-456 

0563 

0-248 

0-290 

0-39 1 

o-oio 

0*015 

0235 

0-324 

0-454 

0-619 

0-297 

0*431 

0*64 

0*015 

0*020 

0-240 

0-356 

0-475 

0-690 

0-354 

0-584 

\- 3 l~] 

0*018 

0022 

0-275 

1 

0-432 

0-475 

0-832 




resistance (the so-called transfer resistance) which is included in 
the directly measured polarisation. Other workers have. ascribed 
the divergence of the results to errors inherent in the commutator 
method, contending that it does not measure the overvoltage in 
the accepted sense of the term. It seems to be established that 
the difference is due, in part, to the very rapid fall in potential 
which occurs when the polarising current is interrupted. In the 
case of hydrogen overvoltage, the maximum concentration of the 
gas within the surface layer of the electrode will be less when the 
current is interrupted, than when it is continuous, since, in the 
former case, greater opportunity is afforded for the removal of the 
hydrogen by such processes as diffusion and chemical reaction. 
Newbery found that the directly measured values always increased 
with the current density, whereas those determined by means of 
the commutator method actually decreased for certain metals. 
Another important factor to be considered in the commutator 
method is that the speed of the commutator decides the period 
during which the current flows, or is cut off, and the measured 
value of the overvoltage will vary with this time interval. In 
addition, the induced electromotive forces, arising from the make 
and break of the current, will lead to a reduction of the over- 
voltage. 

Glasstone,* working with the commutator method and small 
time intervals between the make and break of the current, 
measured the potential of the polarised electrode at 0*002 second, 
0*004 second, o*oo6 second, and 0*012 second after the current 
was cut off. He then plotted the potentials, thus obtained, 
against the time interval, and by extrapolating the curve to zero 
time, determined the potential of the electrode at the instant 
when the current was cut off. His results, shown below, prove 

* Jour. Chem. Sor., 123 , 2926 (1923). 
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that, even in the first part of a second after the polarising 
current has been stopped, there is a considerable fall in the 
potential of the polarised electrode : — 


Time after Switching 
Off Current 

(SecoDcL) 

o*ooa 

0*004 

0*006 

0*0X2 

extrapolated 


Lead Kathode in N 
Sulphuric Acid* 

(Voltt) 

0*91 

0*87 

0*84 

0*80 

1*02 


Copper Kathode in N 
Sulphuric Acid* 

(Volt) 


0-345 

0*320 

0*300 

0*270 

0*395 


He also found that, by applying the extrapolation method to 
the overvoltage measurements with lead, mercury, copper, iron 
and nickel electrodes at very small current densities, the extra- 
polated value was almost identical with that obtained by the 
direct method. For higher current densities the two values 
diverged by amounts which increased with the current density, 
and depended upon the size of the electrode. His results indicate 
that with low current densities the direct method is the simplest 
one to use when measuring the true overvoltage, in fact, it is the 
only one available, whereas at higher current densities the com- 
mutator method is more satisfactory. 


120. Kathodic overvoltage. — Unfortunately, the same elec- 
trode will give different overpotential values at different times, and 
the discrepancy between the values obtained by different experi- 
menters, who have used different methods of measuring it, is 
very great. For example, Newbery * found that the overvoltage 
was erratic, especially in acid electrolytes, rising rapidly at first, 
and then falling to much lower values after repeated subjection to 
high current densities. Some of his results, obtained for the 
kathodic overvoltage on different metals, are as follows ; — 

Platinum.— The overvoltage in acids is very low and steady, 
but unless the surface is platinised, the time effect is very great, 
especially at low current densities. After continued use with 
high current densities the surface is automatically platinised, and 
it is then difficult to raise the overvoltage above the low value. 

Copper. — The overvoltage is fairly steady and low, but is 
susceptible to traces of impurity in the electrode, or in the elec- 
trolyte, such impurities usually tending to lower the overvoltage. 
In alkaline electrolytes it is decidedly higher than in acids, and 
it also tends to increase with time at the higher current densities. 

Gold. — In this case the overvoltage is more constant than 
that on copper. When the electrode is deposited in a spongy 

* your . Chem . Soc ., 109 , 1051 (1916). 
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condition from a solution of the sulphate, the overvoltage is very 


low. 

Lead. — This metal is capable of acquiring a very high over- 
voltage, but the latter is easily destroyed unless considerable care 
is exercised. The application of a high current density is sufficient 
permanently to lower the overvoltage to 0-55 volt in acid elec- 
trolytes, but in alkalis the overvoltage is raised by similar treat- 


ment. 

Zinc.— This metal has an overvoltage as great, or greater than, 
that on lead, and it has the advantage that the high overvoltage is 
not destroyed, but rather increased, by subjection to the action of 
high current density. In many respects it is decidedly preferable 
to lead as a kathode for powerful reductions. 

Nickel. — It is very difficult to lower the overvoltage on this 
metal. Roughening the surface, or depositing a thin coating of 
silver on the metal, depresses the overvoltage for a time, and in- 
terrupting the current for a few seconds causes a temporary fall 
in the overvoltage, but it rapidly rises to a still higher value on 


renewing the current. 

Cobalt. — This metal has an overvoltage of the same order as 
that on nickel in acid electrolytes, but it is much more constant. 
In alkalis, the overvoltage is, at first, a little higher than that on 
nickel, and gradually increases with time. At very high current 
densities sudden rapid rises of overvoltage take place, and these 

higher values persist at all current densities. 

Tin. — The overvoltage is lower than, but similar to, that on 
lead. It is permanently lowered in acid electrolytes by the action 


of high current densities. 

Aluminium.— When first used it has a fairly high overvoltage 
in acid electrolytes, but when subjected to a high current density 


the overvoltage suddenly falls. 

Mercury.— This metal has a variable overvoltage. Newbery 
found that sometimes, after the current had been passing a 
fairly high density for long periods, the overvoltage would sud- 
denly decrease. Ellingham * suggested that this is due to an 
alteration in the electrode surface. After using mercury as the 
kathode for long periods of time, and then breaking the current, 
bubbles of gas may be observed rising at the metal surface, in 
alkalis the overvoltage attains very high values for a short tune 
only, but in these cases it is known that an alkali-amalgam is 


formed. 


See Trans. Farad. Soc.^ 19 , 825 (1924). 
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Amalgamation raises the overvoltage on all metals, but there is 
always a slight fall of overvoltage as the mercury sinks into the 
metal surface. 

Bismuth and antimony. — These metals have similar values 
for the overvoltage. In acid electrolytes the kathodic over- 
voltage on bismuth is very erratic, but in alkaline electrolytes it is 
steady. 

121. Anodic overvoltage.— Overpotential also occurs at an 
anode in cases of electrolysis where the evolution of oxygen gas 
occurs. It is rather difficult to determine, directly, the potential 
at which oxygen, in the absence of overpotential, ought to be 
evolved, but it has been shown * that the equilibrium potential 
of an oxygen electrode in an acid of normal hydrogen ion con- 
centration is + 1-23 volts. Under ordinary conditions it is 
necessary to apply a higher potential than this value before 
oxygen evolution in bubbles occurs. Newbery found the follow- 
ing characteristics for the oxygen overpotential with different 
metals : — 

Gold. — This metal has a high anodic overvoltage which, in 
acids, is steady and fairly constant. The maximum value is 
reached at a comparatively low current density. In alkalis the 
overvoltage is much higher, and the maximum value occurs at a 
high current density. 

Platinum. — In acid electrolytes the overvoltage on platinum 
after the first few minutes is almost unalterable, either by time, 
or current density. In alkali electrolytes the overvoltage resembles 
that on gold in that it rises slowly with time, and it also shows a 
sudden large increase when the current density is increased. 

Copper.— This metal is strongly negative to an oxygen electrode 
at all current densities. 

Silver. — At low current densities Newbery found that a silver 
electrode dissolved slowly in acid electrolytes, and the potential of 
the metal remained negative with respect to an oxygen electrode. 
In alkalis silver is attacked at low current densities, the surface 
becoming rapidly coated with black oxide, and the electrolyte 
discoloured. The anodic overvoltage is not high in acids or in 
alkalis, but a silver anode may be used for oxidations in some cases 
in the presence of substances which readily reduce silver oxides. 

Lead.— Both in acids and in alkalis a lead anode rapidly be- 
comes coated with the dioxide at moderate current densities, but 
at all current densities the metal shows a strong positive potential 
to an oxygen electrode after the dioxide coating has formed. 

• See Nernst, ZetU. Elektroc., 11 , 835 (1905)- 
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While the coating is forming, the overpotential rises steadily, 
and finally reaches a very constant and high value after the coating 

has attained a thickness approaching o-i mm. 

Nickel. — This metal becomes “ passive,” i.e,, it will not 
transmit the current, when the current density is equal to, or 
greater than, lOO milliamperes per square centimetre. In alkalis 
pure nickel is ” passivated ” at once, even at the lowest current 
densities. The anodic overvoltage is low and fairly constant, and 

it has similar values in acids and in alkalis. i r • 

Cobalt, unlike nickel, cannot be passivated in dilute sulphuric 
acid, although the value of its potential approaches that of an 
oxygen electrode with very high current densities. In alkalis 

passivity is produced immediately. 

Iron. — In dilute sulphuric acid iron requires a high current 
density to passivate it. In alkaline solutions passivity is induced 
in a few seconds, even at the lowest current densities. 

Tin. — In acid electrolytes tin shows no sign of passivity, but 
it readily becomes passive in alkaline solutions. The over- 
voltage rises to a very high value, but it is very erratic. 

Carbon. — The overvoltages on graphite and other carbons are 

very variable in both acid and alkaline solutions. 

122. Experimental results. — Knobel, Caplan and Eiseman * 
have given a complete set of values for the hydrogen and oxygen 

TABLE LXII. 


Hydrogen Overvoltage at 25 * C. 
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overvoltages, on different metals, at 25° C. They used the direct 
method of measurement, and take, as the definition of over- 
voltage, the potential necessarj' in excess of the reversible potential 
to discharge the gas in question. Their results are shown in 
Tables LXII. and LXIII. 

TABLE LXIII. 


Oxygen Overvoltage at 25° C. 


Current 
Density. 
M.A. per ; 
Sq. Cm- 

Overvoltage (Volts) on 

Soft 

Graphite. 

Au. 

Cu. 

Ag, 

1 

Platinised 

Pu 

Smooth 

Pt. 

Sponcy 

Ni. 

Smooth 

Ni. 

1 

0-53 ; 

0*67 

0-42 

058 

m 


0*41 

035 

5 

0*71 

0-93 

055 

0*67 

■SEl 


o*si 
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10 

0*90 

©•96 
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20 
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i-o8 
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0-74 

0-82 


WBm 


0-79 
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0-77 

1-49 

0-76 

0-85 




0*84 

114 

0-79 

1-38 

0-76 

0-87 


Many observations have been made with mercury electrodes. 
Heyrovsk^ * worked with the mercury dropping kathode, and 
found that in a normal solution of hydrochloric acid, the current 
could be raised to lO'® ampere at 1-2 volts without visible bubble 
evolution (Fig. 45). The hydrogen diffuses into the kathode and 
is unable to overcome both the capillary forces and the atmospheric 
pressure to form a bubble. The abnormally high overvoltage at 
the dropping kathode seems to be associated with the formation 
of a new mercury surface. 

Herasymenko, Heyrovsky and Taniakivsk^,f electrolysing 
mercurous salt solutions, found that both mercury electrodes 
were unpolarisable with small applied potential differences, the 
current increasing with the potential difference in accordance with 
Ohm’s law until a certain critical value was reached, when the 
current attained a maximum, and then suddenly decreased to a 
much smaller value, which is known as the diffusion current. 
Increasing the potential still further, the diffusion current remained 
constant in value until a potential difference was applied large 
enough to deposit the hydrogen ions upon the kathode. The 
presence of an indifferent electrolyte, such as nitric acid, in small 

• Trans. Farad. Soc., 19 , 785 (1923). f Ibid., 25 , 152 (1929). 
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quantities raised the value of the potential difference at which 
the maximum current occurred, whereas a large excess of the 

acid lowered it. . . 

McAulay and Bowden * using mixed electrolytes containing 

an acid and a metallic salt, found that the overvoltage at a mercury 
kathode was independent of the current density. Provided that 
the current carried by the hydrogen ions remained the same, 
the overvoltage was constant throughout a wide range of current 



values. Once overvoltage had been established, both hydrogen 
and the metal were deposited at a high potential, characteristic o 
hydrogen, and independent of the reversible potentia o 
metal. 

123 . The variation of overvoltage.— With inactive metals 
the kathodic overvoltage is generally a linear function o 
logarithm of the current density, and this relationship 
larly applicable to mercury and tantalum, although it 0°^® " 
hold at low current densities. The overvoltage on molybdepum 
and tungsten increases very slowly, while that on platinum, n 
and mercury rises rapidly with the current density. Rotating 
the kathode at high speed, 2000-6000 revolutions per minute, o 

• PhU . Mag ., 1 , 1282 (1926). 
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bubbling hydrogen, nitrogen, carbon dioxide, or oxygen over the 
electrode reduces the overvoltage at low, and to some extent, at 
high, current densities. The extent of the lowering depends upon 
the nature of the surface, being much larger, for example, with 
smooth tin than with rough copper. Overvoltage also increases 
with the time during which the metal is used continuously as a 
kathode. 

Knobel * found that in all cases both the hydrogen and the 
oxygen overvoltages on spongy electrodes were smaller than on 
smooth electrodes. This may be due to the greater magnitude of 
the surface area, as well as to the changed nature of the surface. 

On the whole we may represent the relationship between the 
kathodic overvoltage, Eqv, and the current density, f, by means of 
the formula, 

Eov a + 6 log /, 

in which a and b are constants. This equation has been derived 
from theoretical considerations by Westrip.f It assumes that the 
current is proportional to the rate at which atomic hydrogen is 
removed in the form of molecules, and no allowance is made for 
the dispersal by diffusion into the electrolyte and the electrode. 
Taking this into account the formula becomes, 

Eov = a blog (/ — k), 

in which is a third constant. Whilst, on the one hand, the over- 
voltage data for a lead kathode are in excellent agreement with this 
equation, it is found that the behaviour of a mercury kathode can 
be expressed by the simpler formula. Since, moreover, the 
simpler relation holds at very low current densities, it appears 
that very little hydrogen is removed from the mercury surface by 
diffusion. This is consistent with the fact that the maximum 
current which can pass without visible gas evolution is very much 
smaller with a mercury kathode than with one of lead. 

The minimum potential difference, or that value which corre- 
sponds to the commencement of visible gas formation, should be, 
according to theory, independent of the nature of the electrolyte. 
Experiments made by Glasstone J with a lead kathode show that this 
is the case, and that there is very little change when the hydrogen 
ion concentration is varied from i to i X gram-ion per litre. 

On the other hand, results obtained by Sand and Weeks § with 
alkaline solutions and an antimony kathode indicate that the 

• Trans. Amer. Electroc. Soc., 47 , 131 (1925). 

Jour. Chem. Soc., 125 , 1112 (1924). 
t Ibid., 125 , 2414 (1924). § Ibid., 125 , 160 (1924). 
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over\'oltage, measured by the commutator method with current 
densities sufficiently large to give reproducible results, is a linear 
function of the potential difference applied between a saturated 
calomel electrode and a hydrogen electrode, immersed in the 
electrolyte in question. 

Trustworthy measurements of the influence of pressure on the 
overvoltage are not available, but concordant data * show that 
the overvoltage at a mercury kathode decreases with temperature 
by about two millivolts per degree C, The temperature coefficient 
at low current densities appears to be much greater for kathodes 
of low overvoltage value than for those of high overvoltage.f 
At low current densities the temperature influence is mainly de- 
termined by the temperature coefficient of the compensating 
processes, but at high current densities, when the electrode is 
covered by a gas film, the dominant factor is the influence of 
temperature on the ease with which bubbles of gas are liberated. 
Overvoltages and their temperature coefficients thus tend to 
become independent of the nature of the kathode at high current 
densities. 

Experiments with binary alloy kathodes show that the 
voltage is independent of the proportions of the metals in the 
alloy, and is determined by that component which, in the pore 

state, has the smaller overvoltage. 

Macinnes and Adler J have shown that at very low curren 
densities the overvoltage undergoes a periodic variation, cc^re- 
sponding to the formation, and release, of a gas bubble. At a 
small platinised-platinum kathode, with a current only simcien 
to liberate a gas bubble every two minutes, they found that t e 
overvoltage-time curve rose abruptly to a maximum after t e 
bubble was released, then dropped suddenly to a minimurn, ^ 
which it increased slowly to the point at which the u kkV 
of gas was released. Starting at the point at which the u 
separates, the voltage rises rapidly, since the layer of hydmgen on 
the electrode increases in thickness ; but this layer 
unstable, and the outer layers contract to form a bubb e, 
overvoltage falling to a figure corresponding to the thinner layer, 
z'.e., the minimum overvoltage. The layer then 
again, but, in the presence of the already formed ^ 

up its outer molecules continuously, until the bubble leaves 

electrode, after which the cycle is repeated. 

• See Glasstone, loc. cit. ; Bircher and Harkins, >«r. Anter. Chem. Soc., 45 , 
2897 (1923). 

+ See Rideal, ibid., 42 , 94 (1920). 

\jour. Amer. Chem. Soc., 41 , 194 (1919). 
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Sudden changes of oven'oltage of considerable magnitude 
occur at some electrodes. They are attributed to a variation in 
the adsorbed gas layer, brought about by some change in the 
electrode surface. Newbery * found that at high current density 
the overvoltage at a mercury kathode suddenly decreased from 
nearly 2 volts to 0-55 volt, the excess back electromotive force, 
measured by the commutator method, at the same time falling 
to zero. In addition, the bubbles became exceedingly small in 
size. These facts can be explained on the gas-layer theory of 
overv^oltage, which will be discussed later. 

Colloids, dissolved in electrolytes, modify the overvoltage, 
generally raising it, although sometimes lowering it. Such sub- 
stances are adsorbed by surfaces of solids, and therefore influence 
the adsorptive power of the electrode for the gas. 

All investigators agree that oxygen overvoltages are more 
variable than those of hydrogen, and reproducible results are 
difficult to obtain. This may be due to the formation of actual 
oxide films, not always visible, on the anodes. In general, the 
anodic overv'oltage is higher than the kathodic overvoltage on the 
same metal, under similar conditions, which is to be expected 
when w'e consider the greater affinity of metals for oxygen. 

124. Transfer resistance.— As we have seen, much contro- 
versy exists as to the correct method of measuring overvoltage ; 
whether it should be measured during the passage of a current 
through a cell, or whether the current should be interrupted by 
means of the rotating commutator, or similar device, before the 
electrode in question is connected to the potentiometer. Closely 
connected with this method of measurement is the question of the 
exact nature of the total opposition to the flow of a current from an 
electrolyte to an electrode. One school attributes the opposition 
to the back electromotive force, whereas the other suggests that a 
part of the opposition is due to a resistance. To investigate these 
points Newbery f traced out the complete time-potential curve of 
an electrode, when the existing current was made and broken, by 
means of a kathode ray oscillograph. The point brought out 
clearly in the resulting photographs is a large instantaneous poten- 
tial drop when the main current is interrupted. This he attri- 
butes to an irreversible resistance effect between the kathode and 
the electrolyte, which he calls transfer resistance. Its value in 
some cases is as high as 100 ohms per square centimetre ; it 
appears to be independent of the chemical constitution of the elec- 
trode, but is strongly affected by the mechanical condition of the 

•Jour. Ckem. Soc., 121 , 7 (1922). t Proc. Roy. Soc., A, 107 , 486 (1925). 
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surface and, most of all, by the current density. So great is the 
influence of the last factor that at high current densities the transfer 
resistance at all electrodes is practically the same, and the effect 
may be looked upon as a physical, or mechanical, phenomenon. 

The idea of a transfer resistance has not been generally ac- 
cepted, and it is open to question whether the various figures, 
which are quoted by Newbery as representing the different states 
of overvoltage on a metal, really represent anything more than an 
alteration of the surface of the electrode, brought about by the 
solution of a small quantity of metal from the anode and its de- 
position on the kathode. Lattey * used a commutator in senes 
with an oscillograph and examined the curve showing the relation 
between voltage and current. He found that the voltages could 
not be subdivided into overvoltages and transfer resistance effects. 
Very recently Newbery f has shown that the transfer resistance 
only occurs when gas is being liberated at an electrode, and be- 
comes very small at high current densities. He concludes that 
this transfer resistance is solely the resistance of a gas film cover- 
ing the electrode surface, and is not to be explained as due in 
part to a layer of partially exhausted electrolyte surrounding the 
electrode, as he had previously suggested. On the other hand, 
Heyrovskjr J has shown from observations on the overvoltage at 
a mercury dropping electrode that there is no indication of the 
formation of any kind of surface film. 

Glasstone § suggested that when overvoltage is measured by 
means of the direct method, a fall of potential, arising from the 
resistance of a thin film of electrolyte, is included ; the higher 
the current density, the greater will be this additional potential. 
There certainly appears to be some kind of resistance at the surface 
of an electrode which affects the potential, as measured by the 
direct method. It may be due to a metal-gas-electrolyte system 
situated at the surface of the electrode ; experiments indicate that 
this resistance is, in general, less than 4 ohms for an electrode of 
I sq. cm. exposed area. 

125 . Theories of hydrogen overvoltage. — Several theories 
have been advanced to account for overvoltage, some of which 
will now be considered. We know that if a metal is made the 
kathode in dilute sulphuric acid, even with a low kathodic potential, 
a considerable current passes for a very short time, followed by a 
slight residual current. Once the current has passed, the metal 

• Tram. Farad. Soc., 19 , 838 (1924)- § 810 (1924)* 

t Proc. Roy. Soc., A, 119 , 686 (1928). 

X Trans. Farad. Soc., 19 , 785 (1924). 
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electrode becomes, in effect, a hydrogen electrode, so that the 
hydrogen in some way must cover the metal surface, and it seems 
only natural to conclude that it is adsorbed at the surface. Rideal * 
suggested that the hydrogen ions were adsorbed at the electrode 
in order that they might be discharged. The discharged ions, 
i.e.y atoms, then unite to form molecules which are still adsorbed, 
but which diffuse at a definite rate into the electrolyte, or into 
any neighbouring gas bubble. Except at platinised platinum, 
and similar surfaces, this rate is equivalent to only a very srnall 
current density, and therefore at any ordinary current density, 
the ions must perform the work of desorbing the hydrogen 
molecules before they can discharge. This energy of desorption 
is supposed to be equivalent to the over\'oltage. 

If we consider an electrode of the substance INI at concentration 
[M], dipping into an electrolyte containing the corresponding 
ion NL, at a concentration [M'], equilibrium is established when 
the potential difference between the electrode and the electrolyte 
is, say, tt volts-f If, now, a current is passed through the system, 
the metal acting as kathode, a steady state is reached at which 
the concentration of the ions at the layer of electrolyte in 
immediate contact with the electrode is reduced to while 

the concentration of M in the effective surface layer of the electrode 
is increased to [M]', the potential difference between the electrode 
and electrolyte now being tt\ where > tt, and tt — tt is the 
polarisation at the given current density. The maintenance of 
this steady state is evidently only possible if the ions AL are 
being continuously supplied to, and the metal M is continuously 
removed away from, the respective boundar>' layers. This may 
occur by a physical process such as diffusion, or by the occurrence 
of a chemical reaction. Thus, further reduction in the value of 
[MM' in the electrolyte boundary layer may be prevented by 
diffusion of M** ions from the region of higher concentration in 
the bulk of the electrolyte, or ions may be produced by some 
chemical reaction which can occur when the concentration of 
ions in any part of the electrolyte falls below a certain equilibrium 

value. . 

Suppose that the final result of these complex processes is the 

substance Mi, existing under certain definite conditions, either 
within the electrode, or in some external system, so that 

2M+ (at concentration [M-"]) + 2 electrons -> Mj. 


• Jour. Amer. Chem. Soc.,A2, <)^{\<)26). ^ ^ 

•j* Sec Ellingham and AHrnand, Tzons. ratad* ooc«, *jbz (19^3)* 
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The increase in the free energy of the process, 

(at concentration [M^]') ^ M (concentration [M]'). 

which occurs at the free interface, electrolyte-electrode, may be 
only infinitesimally less than the electrical energy supplied to the 
system. The free energy of the final product will, however, 
be less than that of M — at concentration [M]' — since the former 
is produced from the latter by a series of consecutive spontaneous 
processes, in all of which energy is dissipated into heat. Thus, the 
irreversibility of the complete process, 

aNL (concentration [IVL]) + 2 electrons^ M^, 

lies essentially in the irreversibility of the compensating processes, 
and the whole of the process arises from the relative slowness of 

these processes under the given conditions. 

The only other way in which the polarisation phenomena can 
arise is by the hindrance of the electro-chemical process itself, 
such as if contact between the electrolyte and the electrode is 
partly prevented by a film, through which ions can only penetrate 
at certain parts. Finally, if this film, the substance of which is 
impenetrable to ions, is also non-porous and covers the electrode 
completely, thus reducing the free interface to zero, the only way 
in which the current can pass is by the discharge of ions 
film-electrolyte interface, the electrons passing across the film. 
The polarisation will now simply represent the potential diflFerence 
necessary to overcome the ohmic resistance of the film. 

In the discharge of the hydrogen ions at a metal 
which has no chemical action on the electrolyte, it is very ^ 

that the hydrogen is set free in the monatomic condition and then 
forms some kind of alloy with the electrode metal, such as exists 

in the case of palladium. . , , 

Whatever the mechanism which determines the velocity or t e 

compensatory processes, it is evident that in cases where the 
cesses are slow, a high hydrogen concentration may be produce 
in the electrode surface layers, before the production of hydrogen 
can keep pace with the rate of discharge of the hydrogen 10ns. 
Such electrode materials will have a high hydrogen overvoltage. 

In opposition to these views is the theory that the polarisation 
is due essentially to the ohmic resistance of a complete gas nlin, 
the thickness of which determines the overvoltage ma^itu e. 
In this case the kathodic overvoltage is the potential 
required to effect the passage of the electrons across the adsorbed 

• See Knibbs, Trans. Farad. Soc. 19 , 800 (1924)- 
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film from the metal to the boundar>’ of the electrolyte. It is 
possible that the ions themselves may have to pass through the 
gas layer. 

The gas film on the electrode would grow until the thickness is 
such that the forces of adsorption on the outside layers are very 
weak. These layers will then become unstable and contract to 
form a bubble, which will continue to receive gas from the ad- 
sorbed layer as fast as the latter receives it by the discharge of ions, 
until the buoyancy of the bubble exceeds its attraction to the 
electrode. The attraction is largely determined by the electrical 
condition of the gas, since the latter, coming from an electrode, 
generally has a slight electrical charge. According to the gas-film 
theory, therefore, overvoltage is the fall of potential across the gas 
layer, adsorbed to the electrode surface, and the thickness of the 
layer is dependent upon the nature of the electrode surface, t.e., 
its adsorptive power, the facility with which the bubbles are 
formed, and the current density. 

126 . Theories of oxygen overvoltage.— The case of oxy- 
gen overvoltage may be treated on similar lines. We know that 
if a potential difference be applied to platinum electrodes in dilute 
sulphuric acid, the potential of the anode increases, rapidly at 
first bubbles of gas appearing when the potential exceeds 1-5 
volts After this stage the anode voltage continues to increase 
over a considerable range. Since liberation of oxygen-producing 
anions does not take place until the theoretical voltage— 1-23 

volts has been considerably exceeded, it is obvious that the 

process taking place at the anode is not a reversible liberation 
of oxygen, but an irreversible process. The range of potential 
covered by this polarisation is nearly 3 volts, and therefore it is 
unlikely that the anodic polarisation is due to the formation of a 
film of oxygen, or of a physically adsorbed layer, as in the case of 
kathodic polarisation. Lorenz* and his school supported the 
oxide theory, and, more recently, Langmuir f found that activated 
platinum adsorbed oxygen at room temperature, forming a 
monomolecular layer of oxygen, which could not be driven off, 
either by heating or pumping. When the platinum was in contact 
with excess of oxygen the amount of oxygen adsorbed increased 
as the temperature was raised, but the action was irreversible. It 
is probable, therefore, that anodic polarisation is due to the forma- 
tion of traces of oxide dissolved upon the surface of the electrode. 


♦ Zeits. Elektroc., 16 , 66 i (1909)- 

•f Jour. Amer. Chem. Soc.^ 40 , 1361 (191 8). 


300 


ELECTROLYTIC CONDUCTION 


Ellingham and Allmand * suggest that the case of oxygen over- 
voltage may be treated on lines similar to those used in discussing 
kathodic polarisation, although in the former case many com- 
pensating processes may be considered to operate. 


127 . Passivity. — If the product of the anode reaction is sol- 
uble, it will have but little influence upon the passage of a current 
from the electrode to the solution, although, so far as it accumulates 
at the anode surface, it will cause concentration polarisation, and 
thus retard somewhat the rate at which the anode goes into solu- 
tion, If the product is insoluble, but porous or non-adherent, it 
will usually produce only a minor effect on the reaction, although 
the formation of any insoluble body will be unfavourable to 
diffusion and will thus tend to increase the concentration polarisa- 
tion. If, however, the product is insoluble, and forms a film, 
closely adherent to the anodic surface, its presence will have a 
far-reaching effect. The product may prevent, more or less com- 
pletely, the passage of further metal into the ionic state, whilst 
allowing other reactions to proceed, such as the production of 
oxygen gas. In some cases the protective action of the film may 
only be effective when the film becomes quite thick, and in such 
cases it is easy to study the material constituting the film, and 
to identify it with some known compound — lead peroxide, for 
example. In other cases the anodic product has so powerful a 
protective influence on the underlying metal, that the change is 
brought about when the film is apparently still of molecular 
thickness ; the film is then invisible, and its presence 
inferred rather than proved directly. Such cases are included 


under the general term passivity.^ 

The point at which passivation occurs depends essentially 
upon the time throughout which electrolysis has proceeded, ^ 
well as upon the current density. Thus, if the latter is increased 
rapidly, the metal will remain active at higher current densities 
than would be possible if the increase were brought about 
slowly. The production of the passive state is considerably 
influenced by the nature and concentration of the electrol^e. 
Ions having properties such as those possessed by OH , CIO3 » 
CrOi — favour the production of passivity, while H'*', Cl an 
Br“ ions act in the reverse direction. Oxygen, dissolved in the 


electrolyte, also favours passivity. . . , 

There is a close connection between this anodic passivity an 
chemical passivity, which metals of the iron group show when 


• Trans. Farad. Soe., 19 , 766 (1923). 
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dipped into solutions of oxidising agents, such as nitric acid, or 
chromic acid of suitable concentrations.* Chemical passivation 
involves an increase in the potential of the metal with reference 
to the solution, and after the transition the metal is practically 
insoluble in solutions, whereas previously it readily corroded. 

Passivity phenomena of a similar kind have been observed in 
the anodic behaviour of various metals besides iron, cobalt and 
nickel. Thus gold dissolves anodically in HAuCl^ solutions as 
Au"*^^ ions up to a certain value of the current density, but above 
this value the gold becomes passive, and chlorine is evolved in 
the main process. Chromium dissolves anodically in an iodide 
solution up to moderate current densities ; at a certain point 
metal solution gives place to iodine deposition. With chromium 
anodes in most electrolytes, however, the reaction is not the dis- 
charge of anions, but solution of the metal with a higher valency. 
Thus Hittorf f found that at ordinary temperatures chromium in 
dilute hydrochloric acid or sulphuric acid would scarcely dissolve 
as Cr'^'*' or Cr '^’^'^, but at higher temperatures the metal dissolved 

readily as Cr^^"'"^’*'^, giving Cr 04 "“. 

There appear to be degrees of passivity. Metallic specimens 
are met with from time to time in a state which is best described 
as partially passive. If the passivity is due to the presence of 
adherent oxygen atoms upon the metallic surface, it is easy to see 
that the passivity will increase, and the potential will rise, as the 
surface concentration of oxygen increases, or, as the concentration 
of oxidising agents in the solution increases. 

It is possible that the transition to the passive state occurs 
as the result of the formation of a film of some definite oxide of 
the metal. The onset of passivity may be regarded as due to the 
production of a film which causes a transfer resistance. An 
oxygen film might act in this way, but the existence of films of 
this kind, of sufficient thickness to offer an appreciable ohmic 
resistance, is less likely than in the case of oxygen overvoltage, 
since the transition to the passive state usually sets in at a potential 
below that calculated for a reversible oxygen electrode in the 
given solution. It may be concluded therefore that anode metal 
solution is practically prevented when a definite oxygen concen- 
tration at the electrode surface is produced. As soon as this 
state of affairs is reached, the potential rises until another electro- 
chemical process can maintain the current density ; in the passi- 
vation of the iron group of metals this process will be oxygen 
evolution. When the transition has occurred, the current density 

• See Ellingham and Alima nd, loc. cU. 

f Zeits. Elektroc., 4 , 482 (1898) ; 7 , 168 (1900). 
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may be reduced considerably, and all the current is used in the 
production of oxygen. Even at low current densities this can 
proceed rapidly enough to maintain an oxygen concentration in 
the electrode surface, sufficient to protect the metal. A decrease 
in temperature favours passivation, but, on the other hand, a 
superposed alternating current tends to prevent the accumula- 
tion of oxygen at the surface, and this favours the maintenance 
of the active state. 

Schulze * has found that certain metals, used as anodes in the 
electrolysis of dilute sulphuric acid and of other solutions con- 
taining oxygen, become coated with a film which effectively stops 
the current. This valve action is particularly strong in the cases 
of aluminium, tantalum and tungsten, and seems to be due to the 
formation of a very thin layer of gas of high resistance, and a 
thicker porous layer of metallic oxide, the pores of which are 
filled with electrolyte and gas. The whole may be compared with 
a condenser, and since the capacity and resistance of the formed 
anode are both very high, the electrical charge accumulated cannot 
disappear in a moment. The resistance of the oxide layer seerns 
to be small in comparison with that of the gas layer, and the ohmic 
resistances are by no means constant. The film formation becomes 
more and more difficult as the temperature rises to loo C. 

Smits f disagrees with Schulze’s view that the passivity of 
aluminium during anodic polarisation is due to the formation of a 
layer of alumina of high resistance. He considers that, althoug 
a coating of oxide, or basic salt, is formed at higher potentials, this 
explanation cannot be reconciled with the fact that at lower 
potentials, where passivity is also shown, the aluminium electrode 
remains bright, and that when the current is reversed the resist- 
ance disappears. Smits found that on anodic polarisation, the 
potential of the metal became so strongly positive, that the 
potential difference necessary for the separation of the oxygen was 
reached at very low current densities. He considers that this change 
of potential is the primary phenomenon, and the separation of the 
oxygen, and subsequent oxide formation, is a secondary action. 
The increase of the aluminium potential is explained by the with- 
drawal of electrons from the metal, this withdrawal being foUowe 
immediately by the aluminium going into solution. The forma- 
tion of the aluminium ions within the solid metal proceeds slow y. 
Through the withdrawal of electrons and ions the metal surface 


• Aim. d. Phys., 22 , 543 (1907), and numerous other papers noted in the 
bibliography. 

+ K. Akad. Amsterdamy Proc. 22 , 876 (1920). 
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passes into a state which resembles a metalloid, and possesses an 
exceedingly small electrical conductivity. 

This valve action may be used to rectify alternating currents, 
and Newman * has shown that if these currents are of frequency 
60 per second, and the applied voltage not too high, say 100 volts 
or less, rectification is practically complete one minute after 
starting the alternating current, even when the anode has not 
been previously formed. 

128 . Alternating current electrolysis. — The subject of 
alternating current electrolysis has been investigated by many 
workers.f Most of them dealt with the passage of alternating 
current through solutions of cyanides and chlorides, and they were 
chiefly concerned with the question of the solution of the elec- 
trodes, and the chemical changes occurring in the electrolytes. 
Ruer X used platinum electrodes in dilute sulphuric acid. He 
found that the platinum was not dissolved by the alternating 
current alone, but that it was dissolved when the electrodes, 
between which the alternating current passed, were subjected to 
anodic polarisation. This result was contested by Brochet and 
Petit, § who maintained that the solution of the platinum is due 
to the current density variation, and not to any specific action 
of the alternating current. 

Marsh || found that with alternating current electrolysis the 
rate of gas evolution was bv no means constant, but fell off rapidly 
with time, and finally ceased altogether. With platinum foil in 
dilute sulphuric acid, the curves showing the relation between the 
volume of gas given off and the time, for different current fre- 
quencies, bear a striking resemblance to the saturation curves in 
radioactivity. For equal current density, the total volume of the 
gas liberated at an electrode is proportional to its area, the fre- 
quency being constant throughout. 

The various effects are brought about by two actions : [a) the 
changes occurring at, and inside, the electrode, (6), the changes 
taking place in the electrolyte. We can imagine that some of the 
gas liberated in any single half period is kept at the electrode, and 
then attacked by the gas liberated in the succeeding half period, 
water being reformed. Hence the total volume of gas actually 
liberated is considerably less than the theoretical value. Now 


•PM. 49 , 1029 (1925)-. >.e / X M 

+ See Le Blanc and Schick, Zeits. Phys. Chem., 46 . 213 (1903) ; Maneuvner 

and Chappuis, Comptes Rendus, 107 , 31 (1889). 
t Zeits. Elektroc., 9 , 235 (1903)- ^ 

§ Ann. Chim. Phys., 3 , 453 (1904)- ^ 

'' Proc. Roy. Soc., A, 97 , 124 (1920). 
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hvdrogen is easily absorbed by platinum, and hence of the hydrogen 
produced in one half period at one electrode, some will escape, 
and some will be absorbed by the electrode. Of the oxygen pro- 
duced at this electrode during the succeeding half period, some 
will escape, some will attack the hydrogen in the electrode, reform- 
ing water, and some will undoubtedly react with the electrolyte. 
As a variation of the above process, it might be supposed that the 
portion of the hvdrogen which remains at the electrode does not 
stay at the surface to be wholly, and entirely, removed by the 
oxygen at the succeeding half period, but diffuses into the electrode 
in accordance with the ordinary laws of diffusion. The hydrogen 
of the succeeding period is not able to diffuse as rapidly in o 
the electrode owing to the gas already present in the electrode. 
Hence, more and more oxygen is removed by recombination. 
According to this view, it would appear that oxygen is in exces 
in the evolved gases, but careful tests by Marsh showed that 

oxygen was, if anything, in deficit. 

On the other hand, we may conceive the processes as chern 
changes, occurring at the electrodes, during the passage of the alter- 
nating current. The electrode may become oxidised, the resuUing 

oxide being reduced to some lower oxide, or to the ’ 

by the hydrogen formed during the next half cycle. Such oxioa 
tion and reduction would alter the constitution of the surface 
making it more porous in nature, thus exposing a greats arw 
to the subsequent oxidising and reducing actions. Rfu't® ^ 
to support the view that in the case of gold and nickel, oxidation 

occurs during the process of electrolysis. lotinnm 

It has been found * that there are undervoltages on P’at'uum, 

tungsten and molybdenum when a direct current is 
same time as an alternating current, and in all cases, “C P 
a smooth or rough copper kathode, the ove^oltage is 
These general effects are such as would be expected 
hydrogen is oxidised, presumably while still in the state. 

Brown t has shown that if alternating current of fuitebf 
strength is sent through a zinc-sulphuric acid carbon c , 
fitted up so as to discharge through a low 

polarisation of the cell is destroyed, and its current o p ^ 
materially increased. He found this effect was gre 
cell had a small zine electrode and a large carbon electrode than 
if the electrodes were of the reverse size, .f^tom these res te h 
concluded that, while the carbon electrode surface only ^c 
the results in so far as it determines the cell resistance, the altemat 

• See Harkins and Adams, ^o«r. Phys. Chetn.^ 29 , 205 (1925)- 

t Proc. Roy. Soc., A, 90, 26 (19*4)- 
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ing current, in some manner, increases the velocity of the SO4"” 
ions in the neighbourhood of, and towards, the zinc anode, the 
latter being more rapidly dissolved. 

Allmand and Puri * found that a superposed alternating current 
had the greater effect upon the carbon electrode, and this result 
was supported by electrode potential measurements. To investi- 
gate the effects produced at a single electrode, without disturbing 
directly the general working of the cell, auxiliary' electrodes were 
introduced which served to lead the alternating current to the 
particular cell electrode under study, as shown in Fig. 46. The 
arrangement shown in Fig. 46 (a) was used when investigating the 
carbon electrode, and that in Fig. 46 (^) when the zinc electrode 
was tested. The applied alternating voltage was adjusted by 




Fig. 46. — Alternating current electrolysis. 

means of the resistance, B, and the ammeter, M, measured the 
current. 

The chief effect of the alternating current was confined to the 
carbon electrodes, the lower frequencies producing the greater 
effects, and the difference at the two electrodes being more pro- 
nounced with small current values. At the zinc electrode the 
change in potential was in the direction of a depolarisation, and 
this indicated that since the electrode behaves irreversibly in the 
absence of an alternating current, the effect of the latter is to 
cause a dissolving of the zinc anode to act like a more electro- 
positive metal. 

In general there was a marked depolarisation of hydrogen ion 
discharge, this effect increasing with the strength of the alternating 
current. The influence of the frequency was most marked, the 
polarisation being considerably lowered as the periodicity increased. 

• Proc. Roy. Soc., A, 107 , 126 (1925)- 
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It appears that the oxygen discharged during the anodic pulse of 
the alternating current, by combining with, or displacing, the 
active hydrogen at the kathode, lowered the electrolytic solution 
pressure of the kathodic metal. Expressed formally, the results 
correspond to an increase in the electrolytic solution pressure of 
the metal, or to a decrease in the zinc ion concentration in the 
electrolyte at the electrode surface. The direct current polarisa- 
tion would explain, qualitatively, the phenomenon at the kathode, 
but not that at the anode. 

129 . Accumulators. — Any reversible cell can be used as an 
accumulator, but the simplest, and most usual type, consists of 
two lead plates immersed in dilute sulphuric acid. If an electric 
current is passed between these plates, the anode will become 
oxidised at the surface to lead dioxide, while at the kathode 
hydrogen gas is evolved, the lead remaining in its original condi- 
tion. As long as the metallic lead of the anode is in contact with 
the solution, hydrogen is evolved at the kathode under a 
electromotive force of 0-5 volt, approximately, but eventually, 
when the lead dioxide has been formed, the force necessary for 
the generation of hydrogen rises to about 2-2 volts. After this 
forming process has continued for some time, the cell is in a condi- 
tion to give a current in the reverse direction, during which lead 
sulphate is formed at both electrodes until they become practically 
identical in constitution. By repeatedly reversing the direction 
of the current, the lead dioxide permeates deeper and deeper into 
the positive plate, and the lead sulphate at the kathode is reduced 
to spongy lead. This condition is also brought about by continual 
charging and discharging. The alternate charging and is 
charging, which is necessary to form the accumulator plates, is a 
lengthy process, and the whole preliminary forrning can be 
accelerated if the plates are packed, or coated, with red lead. 1 nis, 
on being immersed in the acid, is changed according to the reaction . 

Pb 304 + 2 H 2 SO 4 ^ PbOa + 2PbS04 + 2H,0. 

The red lead forms a kind of cement with the sulphuric acid, and 
assumes a solid consistency. Usually the cells are made up 
Plants formed anodes and pasted kathodes, so that they withstand 
heavy discharge without danger of the positive plates disintegrat- 
ing. An objection to the formed plates is that they do 
well together, and cannot withstand very heavy currents, which, 
being accompanied by chemical precedes involving changes 01 

volume, cause disintegration of the positive plate. 

The formation of the plates may be assisted by adding a 
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catalyst to the sulphuric acid, such as a perchlorate, or a chlorate. 
In this case, if the ratio of the SO4 — anion concentration to that 
of the added anion is not too great, the lead sulphate is formed at 
a very short distance away from the plate, and not actually on the 
plate. 

When fully charged the acid has a density equal to i'205-i’2i5 
grams per c.c., and must be free from certain impurities, such as 
chlorine, and foreign metals, since, if these are present, the lead 
plates are violently attacked. Thus, the water used in filling 
up the cell to replace that lost by evaporation should be entirely 
free from chlorides. 

The main chemical action of a fully formed accumulator may 
be expressed by means of the equation, 

PbOa + Pb 4- 2H2SO4 ^ 2 PbS 04 -4 2H2O, 

the discharge being represented when read from left to right and 
the charging when read from right to left. 

Fery * suggested that the reaction during discharge should be 
expressed thus, 

Pb + H2SO4 + PbsO, = PbS 04 4 - H2O + sPbOi, 
or, possibly, 

Pb 4 - H2SO4 4 - PbaOs = PbS 04 + H2O 4- 2 Pb 02 . 

From these equations it follows that only one mole of sulphuric 
acid per two faradays of electricity is used, whereas the more 
generally recognised reaction involves two moles of acid per two 
faradays. Knobel f carried out an investigation with a view to 
determining whether the reactions suggested by Fery, or those of 
the usual double sulphate theory, are correct. Experiment shows 
that the amount of acid used varied with the rate of discharge, 
but at low rates two moles per two faradays were required. It 
thus appears that F6ry’s theory is not supported. 

During discharge the anode, or positive plate, becomes covered 
with lead sulphate according to the reaction, which may be re- 
presented by the equation, 

pb++++ -{- 2e~ 4- 2O 4- (2H+ 4- SO4 ) 4- 2H+ (by migration) 

^ PbS04 (in solution) 4- 2H2O 

I 

PbS04 (solid), 


• Bull. Soc. Chim., 25 , 223 (1919). 
t Trans. Amer. Electroc. Soc., 43 , 99 (1923). 
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where € represents an electron. The action at the kathode may 
be represented by the equation, 

Pb (solid) Pb^+ (in solution) ^ Pb++ -h SO4 — (by migration) 

^ PbSO^ (in solution) 

I 

PbS04 (solid). 

According to Liebenoff ,* when an accumulator is being charged, 
the Pb"^"^ ions are deposited primarily upon the kathode, and 
PbOg — ions upon the anode. Although, on account of the small 
solubility of lead sulphate, very few of these ionic species are present 
in solution, they are continuously replaced from the lead sul- 
phate on the electrode. It is only when the lead sulphate has 
disappeared that the sulphuric acid is electrolysed, hydrogen 
appearing at the kathode, and oxygen at the anode. 

When bodies are formed electrolytically, it is conceivable that 
they may differ somewhat from apparently the same bodies, formed 
by ordinary chemical means, but the measurement of the electro- 
motive force affords a method of detecting differences. It is 
found that a plate composed of chemically prepared PbOg gives 
the same electromotive force as that observed with the positive 
plate of a lead cell, formed in the ordinary way. Analysis of the 
active material, at various stages of the charge and discharge, 
has proved that PbOg is the active material on the positive 
plate. 

It will be realised that if the above equations are true, and in- 
volve ionic, as distinct from ordinary chemical changes, the various 
bodies formed, or decomposed, must be formed, or decomposed, 
in proportion to the quantity of electricity which passes on charge, 
or discharge. As stated previously, this condition is satisfied as 
regards the sulphuric acid, but the lead sulphate has been the sub- 
ject of much discussion. The formation of the sulphate on the 
negative plate has been found, on analysis, to agree satisfactorily 
with that required by theory, but as regards the positive plate, the 
agreement is not so good. This is to be expected if the change 
from a reduced oxide to sulphate is a secondary reaction. 

If the accumulator system is reversible, we may apply the 
Gibbs-Helmholtz relation, 

^=E+ A 


Zeits. EUktroc.t 2 , 420 (1895). 
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According to the measurements of Thomsen * the reaction, 

Pb + PbO, + 2 H 2 S 04 ^ aPbSO, + aHoO, 

evolves 43,500 calories for every gram-equivalent of lead which is 
transformed. Assuming that all of this energy is available, the 
electromotive force of the cell is i *88 volts, a value which agrees with 
that experimentally observed for cells containing a weak acid. 
Hence the temperature coefficient of this type of cell must be low. 
This has been confirmed experimentally by Streintz f who found 
that with acid of density 1-153 grams per c.c., the electromotive 
force of the accumulator increased by 32 X lO"® volt per degree C. 
rise of temperature. He also measured the reversible heating 
effect experimentally, and found it to be 17,400 joules per faraday 
at 273® absolute, whereas the calculated value is 18,200 joules per 
faraday. 

The electromotive force of the accumulator increases with the 
acid strength, since part of the available energy of the reaction is 
due to the dilution of the residual acid by the formed water. 

In another type of accumulator, known as the alkaline accumu- 
lator^ the electrolyte is potassium hydroxide solution, and the most 
favourable results are obtained when iron and nickel peroxide form 
the active plates. The reactions that take place can be represented 
by the equation, 

2Ni(OH)3 + Fe ^ 2Ni(OH)2 + Fe(OH)2. 

The electrolyte is apparently unaffected, its density change during 
the operation of the cell being very small. In the plates themselves 
changes of concentration of the electrolyte occur according to the 
rate of charge or discharge. A comparatively small volume of 
electrolyte is required owing to the fact that it does not enter into 
any chemical action, or combination with the active materials, 
but merely acts as a conductor for the hydroxyl ion from plate to 
plate. 

These alkaline accumulators have excellent keeping qualities, 
the loss of charge over a period of three months, on open circuit, 
being unimportant, but at low temperatures their internal resis- 
tance is high, and consequently the capacity is much impaired. 
The average working voltage is i-2 volts. 


Wied. Ann., 11 , 246 (1880). 


■\Jbid., 46 , 454 (1892). 
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CHAPTER IX. 


THE MEASUREMENT OF ELECTROLYTIC RESISTANCE. 


130. Introduction. — The experimental determination of 
electrolytic resistance is complicated by the existence of polarisa- 
tion phenomena, and the ordinary Wheatstone bridge method, 
employing steady currents, cannot be used to measure the 
resistance, since, in general, we are not justified in assuming 
that the current is simply proportional to the applied potential 
difference between the electrodes. The back electromotive force 
of polarisation, which arises when the electrical current is passed 
through the electrolyte, opposes the main potential difference, 
and if the latter happens to be small, the ratio of applied potential 
difference to the resulting current may be extremely high. 

Consider an electrolytic solution, subjected to an alternating 
electromotive force, applied between two electrodes, immersed 
in the solution, then, as shown, by Kohlrausch,* 

Eq sin pt = Ri + Plidt, . . . ( 144 ) 


where £« is the maximum value of the applied electromotive 
force, Ry the resistance of the electrolyte, /, the current, P, the 

polarisation and — , the period of the alternating current. 

Differentiating this equation, we have 

T • 

Eop cos pt = Rj^ + Piy 


whence 


in which 



Kohlrausch and Holborn, ** Leitvermdgen der Elektrolyte,” 
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and the effective resistance is given by 

/ xj 

p^) ■ 

The resulting current is not in phase with the applied electro- 
motive force, but if P is negligible compared with pR, then ^ = o, 


and 


K 

• ^^0 • A. ^ 

t = -=^ sm pt. 

I\ 


Hence the effective resistance becomes the true resistance of the 
electrolyte, and may be measured by the Wheatstone bridge 
method, if a suitable type of galvanometer, or indicating instru- 
ment, is used in the bridge. If, therefore, the quantity of 
electricity passed through the solution is small, and the electrode 
surfaces large, so that the polarisation is small, and since, in 
addition, the polarisation effects are non-cumulative with 
alternating currents, electrolytic resistances can be measured by 
means of the same principle as that employed in the determina- 
tion of metal resistance. Even if the imposed electromotive force 
is not harmonic in character, but only alternating in direction, 
provided that the quantities of electricity which pass during the 
alternations are equal, the polarisation effects are still more or less 
annulled. It will be observed that they depend upon the freqi^ncy 

of alternation, p, and for a given value of p they vary with so 

that the higher the frequency, the less important these effects 
become. Since P has been shown to be inversely proportional 
to the capacity at the electrode-liquid interfaces, section 
polarisation decreases as the electrode areas increase, especially 
if the electrolytic resistance is high. The effective areas of 
platinum electrodes may be augmented by platinisation. 

On the other hand, polarisation effects become serious if the 

P JP 

value of ^ is large, hence a type of cell in which ^ is small must 

be used if an accurate determination of R is required. Assuming 

that the polarisation, P, is exactly equivalent to a capacity, — , its 

effect may be counterbalanced by inserting a self-inductance of 
value X/ in the same arm of the bridge. In this case the potential 
difference applied across the end of a bridge arm, containing an 
electrolytic solution and this self-inductance, is given by the 
equation. 


• • 

Eq sin pt = Ri + 
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from which by integration, 


I = 


E. 


r (7 - ' 


j sin (pt + 0), 


where 


^ Lp^ 


— being equal to P. Hence the effect of the self-inductance is 

opposed to that of the polarisation, and by choosing suitable 
values, it is possible to make P — Lp^ = o. Then the capacity 
effect of the electrolytic cell in a bridge arm is compensated for, 
and both R, the true resistance, and P, the polarisation capacity 
effect, may be calculated, if p and L are known. 

We may write equation (145) *** form, 

i = 1*0 sin (pt -h B), 


where 


*0 — 


Eo 


i?(i + 


H 


and is the maximum value of the current. Hence the back 
electromotive force Ep, being equal to P^idt, is given by 

Ep = - ^ cos [pt + 0 ), 

and therefore differs in phase from the current by 90°. 

Smith and Moss * have pointed out that most, if not all, 
electrolytic condensers are leaky, the leakage increasing with the 
degree of polarisation at the electrode. However small the po- 
tential difference applied to an electrolytic cell may be, there 
is always a residual current, so there must be a continuous flow 


dB, 


of electricity through the circuit. Thus is not equal to 

pd^ where Q is the electrical charge on the condenser plate, 
dt ’ 

but 


dB 


- '■(S - f ) - 


• Proc. Phys. Soc., 25, 133 ( 1912 ). 
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where is the rate at which the charge leaks from the condenser, 

t, the current passing through the cell, and the leakage current. 
If we assume that the latter is proportional to the polarisation, 
then, 

//K 

-h P6Ep = Pi^ sin pt. 


b being a constant. Hence, 


Ep=- 


Pi. 


— cos {pt + 4 .), 


Ep=- 


P'i. 


COS {pt + 4) 


where 


Pb 


tan <f> = — and P' = 


(■+ 


P2^2\*- 


In the absence of leakage, 


Ep = — ^ cos pty 

so that leakage decreases the value of the back electromotive 
force, and represents the phase difference of this back E.M.F. 
in the two cases, with and without leakage. Hence, a^uming 
leakage across the electrolytic condensers, and equating the 
applied potential difference to the sum of the various potential 
differences existing in an electrolytic cell, we have, on writing 

— ^*0 cos {pt + <f>) for — the back electromotive force — that, 

Efl sin pt — Zo|^i2 -h ^ sin sin pt + (^p — ^ cos cos 

Thus E and z, the instantaneous values of the applied electro- 
motive force and the current, will be in the same phase, z.e., their 
ratio will be the same at any instant, if 

P' 

Lp = — cos 

and the value of the ratio the effective resistance, is given by 

*0 

P' 

PH sin 

P 
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Hence, in general, the effective resistance is not constant, but is 
a function of />, the frequency of alternation. 

This leakage effect is only one of several complex phenomena 
that may take place between polarised electrodes and the 
surrounding solution. 

131 . Experimental determination of electrolytic re- 
sistance. — In general, the methods of measuring the resistance 
of electrolytes may be divided into two classes : — 

(a) Those in which the effects of polarisation are avoided, 

and 

(^)) Those in which polarisation is reduced to a minimum. 

(a) Methods not involving polarisation . — The detrimental 
effects of polarisation may be avoided by inserting a second 
electrolytic cell, similar in all respects to the first one, but con- 
taining a different length of the solution, in the conjugate 
arm of a Wheatstone bridge. A balance with direct currents 
for a particular length of the solution in one cell is obtained, and 
then the distance between the electrodes is diminished by a 
measured amount, the known resistance in this arm in series with 
the electrolyte being increased so as to restore the balance. A 
conceivable source of error arises in consequence of moving the 
electrode, since a possible alteration in the polarisation may occur. 
Tollinger's results * with this method were about o-6 per cent, 
lower, on the average, than those obtained with the alternating 
curreAt method. Elsas f used a long trough, of known cross- 
section, with two fixed non-polarisable electrodes, such as copper 
plates in copper sulphate solution, at the ends and one 
movable electrode between them. A resistance, in series with 
the shorter liquid column, was adjusted to balance the bridge. 

Smith and Moss J worked with auxiliary, or potential 
electrodes, the potential drop being measured by an electrostatic 
voltmeter of negligible capacity. The apparatus which they 
used is shown in Fig 47. Alternating currents, measured by 
means of the ammeter, A, were passed through the electrolytic 
solution by way of the main electrodes, p and q, and the resulting 
potential difference between the ends of the tube containing the 
electrolyte was measured by means of the electrostatic voltmeter, 
V, and the auxiliary electrodes, p\ q\ The ratio of the voltmeter 
and ammeter readings gave the resistance. For direct currents 
it is necessary to use a voltmeter of high resistance, compared with 


• Wied. Ann., 1 , s*o (*877)- t Ibid., 44 , 666 (1891). 

X Proc. Phys. Soc., 25 , 133 (19*2). 
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that of the electrolyte and of negligible capacity, in comparison 
with that of the auxiliary electrodes, p' and q' . If an electro- 
static voltmeter is used, its resistance is practically infinite. 
Further, it is necessary that the contact potential difference 
between p' and q[ ^ respectively, and the electrolyte, should not 
be subject to uncertain fluctuations. For this reason Smith and 
Moss found it best to use mercury electrodes whenever possible. 
Then the two contact potential differences will usually be not 
only constant, but also of practically identical magnitude. Any 
appreciable difference, if present, would affect the measurements. 
It can be allowed for, however, by taking the mean of the voltages 
obtained, when the current is passed through the electrolyte, 
first in one direction, and then in the opposite direction. 



Fig. 47. — Measurement of electrolytic resistance. (Smith and Moss.) 

The electrolyte was contained in a tube of i mm. internal 
diameter, 30 cm. long, connecting the two bottles in which were 
the main and auxiliary electrodes. The area of each main elec- 
trode was about 30 sq. cm. and that of each auxiliary electrode 
about 2*5 sq. cm. The apparatus was immersed in a thermostat, 
by means of which sudden temperature changes were avoided. 

Newbery * employed the same method with the apparatus 
shown in Fig. 48. A small, but constant, direct current was passed 
between two electrodes, Ej, Eg, along the tube Ai, Ag and also 
through a standard resistance. Standard electrodes — calomel, 
mercurous sulphate, etc . — were constructed in the vessels C^, C2, 
and these were connected with a potentiometer. The extremities 
of the standard resistance were also connected to the same poten- 
tiometer, and by means of a commutator, the potential fall along 

* Jour. Chem. Soc., 113 , 701 (1918). 
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the tube Aj A 2 , and that across the terminals of the standard 
resistance were measured in rapid succession. The specific 
conductivity, ct, of the electrolyte was then given by 



where / is the distance between the electrode tips. A, A.>, F, the 
volume of liquid in the tube between the same points, R, the 
standard resistance, and .v and y, the potential differences 
between the electrodes C,, Cg and the terminals of the standard 
resistance, respectively. 

(b) Methods in which the polarisation is reduced to a minimum . — 
The devices for reducing the disturbing effects of polarisation 
are very numerous, but Kohlrausch’s method, in which alter- 



FiG. 48. — Measurement of electrolytic resistance. (Newbery.) 


nating currents and a telephone are used, is superior to any 
method at present in use. Before describing it in detail we will 
consider the degree of accuracy to be expected from such an 
experiment. It has been shown in section (130) that the effective 
resistance of an electrolyte, placed in the arm of a Wheatstone 

bridge is 



pz 

and that if the value of the term negligible, the resistance 

measured is, approximately, the true resistance, R, of the elec- 
trolyte. The value of this term is decreased by using platinised 
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electrodes and a high rate of current alternation. The degree of 
accuracy in any particular case may be estimated as follows : — 
Let R' be the effective resistance, Ay the area of each electrode, 

and c, the capacity per unit surface area. Then P = and so, 


R' — R 
R 


2 * A'^c^p^R^’ 


But p = 27 r«, where n is the frequency of alternation, and if we 
require the value of R to an accuracy of, say o-i per cent., then, 


R' — R 
R 


1000 zn^A^chi^R^ ' 


For many electrodes, such as platinum, copper, and mercury, 
c is of the order 10 microfarads per square centimetre, hence, 

(nARy > 5 X 10^^, 

or, nAR must be greater than 7 x 10®, approximately. In the 
case of platinised electrodes the value of c is from 25 to 30 times 



Secondary 


Fio. 49. — Measurement of electrolytic resistance by means of the Wheatstone 

bridge arrangement. 

greater than that for smooth bright platinum, and so for this type 
of electrode nAR must be greater than 20,000. 

Assuming that nAR is made sufficiently large to eliminate the 
polarisation effects, the electrolytic resistance is measured by means 
of an ordinary metre bridge arrangement, in which the battery is 
replaced by the secondary of an induction coil, and the galvano- 
meter by a telephone. The make and break must be as rapid as 
possible, the currents not too large, and the difference in intensity 
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of the make and break currents should be reduced as much as 
possible. 

Figs. 49 and 50 represent a compact and very' convenient 
form of bridge, although greater accuracy is obtained by the use 
of a bridge with a longer stretched wire. The relation between 
the parts of this Kohlrausch bridge (Fig. 50) and those of the 
ordinary Wheatstone bridge will be obvious from these two 
diagrams. The ends of the secondar>^ from the induction coil 
are brought to the points P and C, so that one end is connected 
to one terminal of the resistance coils, through the brass con- 
necting plug, and to the terminal, A, by a thick copper wire, while 
the other end is connected to some point on the bridge wire 
through the sliding contact, S. The metal bar on which this 
contact piece slides is insulated from the right-hand pillar, E, 


^"V 

^ • 

.''Secondary F 


I 



Resistance Co//s 



Fig. 50. — The Kohhausch bridge. 


which supports it. The screw on E, joined to D by means of a 
thick copper wire, serves as a convenient telephone terminal. 
The other telephone terminal is connected to the screw, B. 

A key, K, is placed in the primary circuit, and may be connected 
either with the telephone, or the galvanometer, stud. The latter 
is connected in the circuit if direct current and a galvanometer 
are used. The liquid, of which the resistance is to be determined, 
is placed in a vessel of convenient form, and the electrodes are 
connected to the terminals, A and D. 

A telephone must be used with alternating currents, and it 
should be removed to a distance from the coil, sufficient to prevent 
its excitation by induction. When the position of sound minimum 
has been determined, the following relation holds : — 

Resistance of electrolyte a 
Resistance of coils used b' 
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where a and h are the distances betw^een the slider contact and 
the ends of the wire. Usually the bridge scale has been so divided 

and marked, that the ratio ^ can be read off immediately. 

0 

132. Errors in the Kohlrausch bridge method. — The 

convenience, and simplicity, of Kohlrausch ’s method of measuring 
the conductivity of electrolytic solutions has been so long recog- 
nised, that at the present time no trustworthy data on this subject 
exist which have not been obtained by this method. There are 
several sources of error, however, in the method. For example, 
it is assumed that, by using an alternating current, all the polarisa- 
tion effects are eliminated. Taylor and Acree * have shown th^ 
consistent results with simple electrolytes can only be obtained 
by using a perfect sine wave current, and extrapolating the results, 
thus found, to determine the conductivity at an infinite frequency. 
It seems probable that with these precautions, polarisation errors 
are eliminated in the case of simple electrolytes, such as potassium 
chloride, but when certain other electrolytes are used, especially 
with insufficiently polarised electrodes, it is by no means certain 
that decomposition of the electrolyte, with consequent polarisation 

of the electrodes, does not occur. 

Since an electrolytic cell behaves towards an alternating 
current as a resistance in series with a condenser with a small 
leak, it forms an impedance to the harmonically varying current. 
Phase changes occur in that bridge arm containing the celh and 
produce an unbalance in the telephone. The effect of un- 
compensated polarisation is always shown by the appear^ce o 
a poor minimum, silence never being obtained, and a different 
quality of tone is usually heard on the two sides of the minimum. 
It is, therefore, impossible to obtain a perfectly sharp minimum 
in the telephone unless the capacity effect of the cell is accurate y 
balanced by one of several methods, such as placing (a) a capacity 
in parallel with the resistance arm of the bridge, as recommende 
by Kohlrausch, (i) a capacity in series with the resistance airo o 
the bridge, (c) an inductance in series with the cell, or an 
inductance in the opposite arm of the bridge. Wien used t e 
method indicated in (r) and soon discovered that the polarisation 
effect is not solely that of a pure condenser reactance, but that an 
increase in effective resistance accompanies it. In other wor s, 
the compensation of the condenser reactance, arising from the 
polarisation, while it improved the minimum, did not give t e 
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correct bridge setting, but a value which corresponded to an 
apparent increase in the resistance of the cell. 

Jones and Josephs • used a variable condenser, Ci, in parallel 
with a resistance Ri, as shown in Fig. 51, in order to compensate 
for the capacity of the cell, and for the source of alternating 
current they employed a valve oscillator, a device now commonly 



adopted. When the bridge is balanced, so that no current flows 
through the telephone, the potential of B must equal that of B' 
at every instant, and not only must the potentials be the same, 
numerically, but they must be in the same phase. The relation- 
ship 

■^1 ^3 


•Jour. Amer. Chem. Soe., 50 , 1049 (1928). 
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will only hold if the current passing along AB' is equal to that 
along B'A^ and this will not be the case if current escapes from the 
bridge network by ground connections, or through the capacity 
to the ground, i.e., if there is any leakage. To overcome this 
difficulty the procedure adopted by these experimenters was as 

follows : — j - 

(a) They first adjusted the bridge, approximately, and then, 

{b) by means of a suitable switch, S2, they disconnected the 

telephone from B' and connected this lead wire to the earth, 

the other side of the telephone remaining connected to B. 

(c) The sliding contact, g, and the variable condenser, 
w'ere adjusted until there was silence in the telephone. This 

brought the point B to earth potential. 

(d) The switch, S., was then moved, so that the telephone was 
restored to its original position, BB', and the connection between 

the telephone and the earth broken. 

(e) The bridge arm, R, and C„ was again adjusted tor no 

sound. If this second adjustment differed much from the original, 
the ground adjustment was repeated, and the final bridge reading 

confirmed. , 

This arrangement and procedure ensured that B and U were 

at earth potential, and, at the same time, the currents along AC 

and B'A' were equal, the same remark applying to the currents 

along AB and BA'. , 

Smith and Moss* had pointed out, previously, that the ter- 
minal potential difference, and the current in a branch ot a net- 
work containing capacity and self-inductance, may be in t ^ ® 
phase although their ratio does not give the resistance o 
branch. This will happen if there is leakage through the con- 
denser, causing the potential differences between t eir P 
to be out of quadrature with the current. The apparen re 
ance of the branch will then be a function of the frequency 
the alternating current circulating in the bridge. 


133. Experimental results.— Taylor and Acree t . 

the conductivity of electrolytic solutions, under differen p y 

conditions, and obtained results which are summarised below . 

(a) There is no measurable change m the resistance of a 

tion, or in the capacity of a cell, with a change 
vided that the cells are maintained scrupulously clean 

(b) There is no measurable change in the resistance ot a 
tion with change in frequency, around 500-2,000 cycles per s 


t7wr. Amer. Chem. Soc., 38, 2403 ( 19 * 6 ). 
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in cells with platinised electrodes. Haworth * had concluded 
that the resistance does vary to an easily perceptible degree with 
the frequency, but Smith and Moss f questioned the accuracy 
of Howarth’s results, as they found no such variation throughout 
the frequency range, 100-2,300 per second. 

(c) In cells with bright platinum electrodes, there is a change 
in resistance with a change in frequency from 600 to i ,000 cycles 
per second. This change varies in the following manner : (i) 
As the concentration of any given solution is decreased, and 
therefore the resistance increased, the change of resistance with 
frequency is decreased. (2) As the electrode surface area is 
increased, the change of resistance with frequency is decreased. 
(3) As the electrode area becomes greater, the inductance, neces- 
sary to obtain a balance, is lowered, and hence the apparent 
capacity is raised. (4) The higher the apparent capacity of the 
cell, and therefore the smaller the inductance necessary to balance 
this capacity, the smaller is the change of resistance with frequency. 
Since the apparent capacity of a cell is raised by increasing the 
electrode surface area, platinised electrodes should give the 
smallest change in the resistance with frequency and this is borne 
out by the experimental results. It appears that the true resist- 
ance of solutions can be measured in cells with bright platinum 
electrodes, only at infinite frequency. 

(d) By substituting in the equation = a, where 

R„ and Z/„ are the resistance and inductance, respectively, at a 
given frequency, n, i?oo» the resistance at infinite frequency, and 
a, a constant, it is possible to calculate i?co- The values found 
for in this manner, differ from those determined by extra- 
polation by ± -oi ± *025 per cent. 

(e) The fact that there is a change in resistance with fre- 
quency explains why different workers have found different 
values for the equivalent conductance of the same solution. In 
some cases the measurements were made at 60 cycles per second, 
and in others at 1,000 cycles per second. The conductances 
at infinite frequency should be determined in all cases. 

(/) The saturation of bright or platinised-platinum electrodes 
with hydrogen produces no appreciable change in the cell capacity 
at 60 cycles per second. This seems to indicate that the capacity 
does not arise simply from a neutral gas layer deposited upon the 
electrodes, the layer acting as an air condenser. 

(^) Results show that inductance is nearly inversely propor- 


• Trans. Farad. Soe., 16, 365 (iQzO- 
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tional to the square of the frequency. As this relation is also true 
for a leaky condenser, the electrolytic cell seems to act as a resistance 
in series with a simple leaky condenser. 

134. Conductivity cells. — To obtain the specific resistance 
of a given electrolytic solution, from the measurement of its 
resistance in an electrolytic cell, of any shape or form, it is only 
necessary to know further the resistance of the cell when it con- 
tains a liquid of known specific resistance. Thus R = #c/(^), 

where R is the resistance of the cell when it contains a liquid 
of specific resistance k, and f(k) is a quantity which will be inde- 
pendent of the nature of the liquid, if the cell is always filled to 
the same height, and if the electrodes always occupy the same 
definite positions in it. To determine f{k) we observe the value 
of Rq, the resistance of the cell for a liquid ^ 

of known specific resistance, and then, . ( ) 


Various types of conductance cells are shown 
in Fig 52. They should be designed to suit Jll 

the telephone which is to be used with them, jf! ^ 

and since the audibility current of the tele- U h — d 

phone is the chief controlling factor, every H ^ 

investigator, making conductance measure- J I ( 
ments, should determine for himself the / \ 

audibility current of his telephone, since the I ) 

value of this important quantity is a function, ||] 

both of the construction of the telephone and 
of the observer’s ear. 

It is sometimes convenient to use a form 
of cell in which the conductivit)^ and viscosity — 

of the same sample of solution can be deter- 
mined. Fig. 53 represents such a cell.* It 
consists of a glass tube, sealed at the bottom N r 1 

to a capillary arm, near the top of which is a nJ 

small bulb of approximately 5 c.c. capacity. 

This is continued in a tube in which there is jj.-a combined 
a constriction. Two marks, one just below conductance cell 
the bulb and the second at the narrowest viscometer, 

part of the constriction, form graduation 
marks of the viscometer. The top of the cell is closed by means 
of a glass stopper through which pass two tubes, sealed to stout 

• See King and Partington, Trans. Farad. Soc., 23 , 537 (’1937). 
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circular platinum electrodes at the bottom of the cell. The 
stopper is continued in a tube of narrow bore, which is bent at 
right angles. Just below the stopper is a vertical side arm, 
ground to fit the vessel, by means of which the solutions are run 
into the cell. 

Washburn * suggested that a cell should be designed, as regards 
its resistance and capacity, for the particular solution, the resist- 
ance of which is to be measured in it, and that only solutions, 
having resistances varying within rather narrow limits, are suit- 
able for use with a cell of that particular resistance-capacity. 
Schlesinger and Read f found that the value of the cell constant 
depended upon the resistance of the solution by means of which 
it was determined. It should be known for all resistances within 
the range of measurements for which the cell is to be used. 

Smith J employed a conductance cell containing three electrodes, 

consisting of co-axial cylinders open at the ends, two of which 
were concentric and close together, the third, at some distance 
from the others, was arranged co-axially with respect to them. 
From the experimental results obtained it was shown that, as the 
resistance of the contained electrolyte changed, there was a varia- 
tion, not only in the cell constant, but also in the ratio of the 
values to one another, and that the values of the equivalent con- 
ductance, determined with the aid of two cells, were concordant, 
only in the region of the concentration and the resistance, used to 
determine the cell constants. The effect of doubling the resist- 
ance of the solution between the concentric pair of electrodes 
was to slightly more than double the resistance of the solution 
between one of the concentric pair and the distant electrode. This 
effect amounted to about 5 per cent, at a dilution of i ,000 litres per 
mole, and increased with dilution, up to the highest resistance 
that could be measured between the distant pair of electrodes. 

In measuring low electrolytic resistances, where polarisation 
occurs, it may be safely assumed that the cell having the greater 
distance between its electrodes, and exhibiting the greater resist- 
ance, will give the more reliable readings. Kohlrausch and 
Maltby § suggested that unplatinised electrodes may be used where 


the electrode area is greater than square centimetres, R, the 

resistance, being expressed in ohms. Parker, |1 however, found 
that the effect of polarisation was much greater than usually 


* your. Amer. Chem. Soc., 38 , 2431 {1916). 
t Ibid., 41 , 1727 (1919)- t 49 , 2167 (1927)- 

§ Wiss. Abh. Pkys. Tech. Reich., 3 , 162, 173 (1900). 

WJottr. Amer. Chem. Soc., 45 , 1366 (1923)- 
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supposed, and that an additional factor, such as the distance 
apart of the electrodes, must be introduced into Kohlrausch’s 
expression. His experiments indicate that for platinised-platinum 


electrodes the expression, R = 


i6o\// 


represents the lowest 


measurable resistance in ohms at which polarisation effects are 


negligible, where I is the distance apart, in centimetres, of the 
electrodes, and the area in square centimetres of one electrode. 

Probably a similar expression, R = 250oV/ ^ holds for unplatinised 


electrodes. 

Parker discovered a new effect at high dilution with all types 
of cells, this effect amounting to at least 0*33 per cent, at moderate 
dilutions. The correction of the existing conductance data for 
this effect would tend to increase the values of the equivalent 
conductance at higher dilutions, and the limiting values would 
probably be affected to a considerable extent. He suggested that 
the effect is due to an adsorbed layer of liquid in contact with 
the electrodes. The correction for the resistance of this layer is 
assumed to be positive, or negative, according to whether the 
adsorbed layer contains an excess, or a deficit, of the conducting 


species. 

As a rule, solutions of potassium chloride of known con- 
centrations are most readily prepared, and are best adapted, 
for the purposes of the calibration of conductance cells. The 
necessary data for making up standard potassium chloride solu- 
tions, according to the weight method, for calibrating cells, are 
correctly given by Kohlrausch and Holborn * for 10 normal 
solutions only, and their directions for making up standard 
solutions of concentrations, o-i, 0-02, and 0*01 normal are incor- 
rect. For the o*i nonnal solution the error is 010 per cent., 
and for the o-oi normal solution, 0-54 per cent. 

Kraus and Parker f determined the specific conductance of 
a 01 normal solution of potassium chloride at 25° C. in terms 
of its value at 18° C. Assuming the value 0-011203 for the specific 
conductance at 18® C., as determined by Kohlrausch and Maltby, 
Kraus and Parker obtained the value o-oi 28988 for the specific 
conductance at 25° C. In general, conductivity measurements 

are now made at 25® C. 


135. Conductivity water. — It is evident that reliable data 
for the conductivity of dilute solutions can only be obtained by 


• Das Leitvermogen der Elektrolyte ( 1916 ). 
\Jour. Amer. Chem. Soc., 44 , 2422 ( 1922 ). 
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the use of highly purified water under such conditions that no 
contamination takes place during the measurements, or, by 
determining the nature and the amount of the impurities present 
in the water, and then applying corrections from the mass action 
relation. 

For special pure water Kohlrausch and Heydweiller * give 
the following values : — 

Original specific conductivity of water in vacuo : 

0-05 X io~® — o-n X io“® ohm”’. 

Specific conductivity after 20 minutes’ exposure to air : 

0-34 X lO”® — 0*40 X iO“® ohm”’. 

Specific conductivity after long exposure to air : 

0*66 X lO”® — 0*65 X lO”® ohm”’. 

The final values obtained for different samples, in equilibrium 
with the atmosphere, were practically of constant value, 
0 65 X lO”® ohm”’ at 18° C. Subsequent investigators have 
recorded uniformly similar results, and it is impossible to main- 
tain, for more than a short time interval, any sample of water, 
in contact with air, at a much lower value. The endeavours of 
later workers have been almost entirely directed towards facile 
preparation of large quantities of water, of as low a specific con- 
ductivity as possible when in contact with air. 

Walker and Cormack f prepared water of specific conductivity 
0*75 X 10”® ohm”’, at 18° C., by three successive distillations, 
with alkali, with phosphoric acid and without the addition of 
any chemical to the water. Kendall J found that one distillation 
from tap water, to which a few cubic centimetres of Nessler’s 
solution had been added, provided water of 0*9 X lo"® ohm"’ 
specific conductivity, at 25° C. Distillation was carried out in 
the open air in Jena glass vessels. 

In order to bring the accuracy of conductance data for dilute 
solutions to within of i per cent, it is necessary to use ultra- 
pure conductivity water, to carry out all experimental operations 
in an atmosphere free from conducting impurities, and to employ 
quartz cells. The conductivity of ultra-pure conductivity water 
is 0*043 ohm”’, and this value was reached by Bencowitz 

and Hotchkiss § after forty-two back and forth distillations in 
vacuo, at a low temperature. The glass conductivity cell, in which 

• Ann. d. Phys., 53 , 209 ( 1894 ). Jour. Chem. Soc., 77 , 5 ( 1900 ). 

XJour. Amer. Chem. Soc,, 39 , 7 ( 1917 ). 

^Jour. Phys. Chem., 29 , 705 ( 1925 ). 
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the measurement was made, had been standing for ten years, 
and only a small quantity of water was prepared. 

Pure distilled water is a saturated solution of carbonic acid, 
and its specific conductivity, 0 6 X lo^® ohm'^, is the same as 
that of a saturated solution of carbonic acid, under atmospheric 
conditions. A permanent lower value for water in contact with 
air is not possible, since slow absorption of carbon dioxide must 
take place, unless airtight vessels are used, until equilibrium is 
attained. 


136 . Correction for the conductivity of water.— As a 
rule, the specific conductivity of water, used in conductance 
experiments, is 0*7 X lO"® ohm“', and the use of such water in- 
volves a correction for the conductivity of the solvent which may 
amount to 8 per cent, for a o oooi normal solution, and to 44 
per cent, for a o'ooooi normal solution. Usually the value of the 
specific conductivity of the water is subtracted from the total 
conductivity of the solution. This is the normal solvent correc- 
tion, and is based on the assumption that the various ions present 
have no influence upon each other’s conducting power, but this 
assumption fails to take into account several factors which depend 
upon the interionic forces. A true solvent correction must 
recognise the effect which the presence of the solute ions exerts 
upon the mobilities of the solvent ions, and vice versa. In ad- 
dition, the use of glass cells influences the results to a somewhat 
greater extent than the impurities present in the water. 

When carbon dioxide dissolves in water, we assume that the 
acid H2CO3 is formed. The conductivity and equilibrium 
constant of such solutions have been measured by Pfeiffer,* 
Knox,t Walker and Cormack,t and Kendall,§ and from the 
conductivity measurements, it is possible to calculate the value 
of the specific conductivity of pure water, saturated with carbon 
dioxide, at a pressure equal to the partial pressure of the gas 
in the atmosphere. Thus, at 18° C. and 760 mm. pressure, the 
solubility of this gas is 0-0414 moles per litre. Taking the partial 
pressure of carbon dioxide in air as 3 ^ ^ atmosphere, the 

number of moles per litre in a solution, saturated at this pressure, 
will be 0-0414 X 3 X io-®=- 1-25 X 10-®. If, then, in the 

dilution formula, 



• Ann. Phys. Chem., 23 , 625 (1884). _ . 

+ Ibid., 54 , 44 (1895)- X your. Chem. Soc., 77 , 5 (1900). 

^youT, Atttcr. Chem* 39 | 7 (^ 9 ^ 7 )- 
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we substitute 3-04 X lO”^ for and 1-25 X I0“® for C, we obtain 
a == 0-144, so that 14-4 per cent, of the carbonic acid, dissolved 
from normal air by pure water, is dissociated into H'*' and HCOa- 
ions. Taking the molecular conductivity of the solution at infinite 
dilution to be 336 ohm“^, at 18® C., we obtain a value 336 X 0-144 
= 48-4 for the molecular conductivity of the saturated solution. 
From this, the specific conductivity is obtained on multiplying 
by the number of moles per cubic centimetre, so that we have 
the value 48 4 x 1-25 X I0“® = 0-605 ^ ohm“^ for the 

specific conductivity of water, which has been in contact with 
the atmosphere, at 18° C. This result is in excellent agreement 
with the experimental values, and therefore we infer that carbon 
dioxide is the only substance in the atmosphere which confers 
conductivity upon the water. 

If carbonic acid is the impurity present in a solution of a 
weak acid, each acid will lower the dissociation, and therefore the 
conductivity, of the other, and the correction for the impurity will 
not be as large as it appears to be at first sight. Suppose that the 
conductivity of a weak acid has been measured at 18° C., and 
that C, [Cl] and [C2] are the concentrations of the acid, the anions 
of the acid, and the HCOg" ions, respectively. The equilibrium 
constant, of the weak acid, which may be determined experi- 
mentally, is given by section ( 59 ), 

{[CxHJcj}[^_ 

C - [Cl] 

For carbonic acid, at 18° C., formed from a saturated solution 
of carbon dioxide, under the partial pressure at which the gas 
exists in the atmosphere. 


{[C.] + [C,])[C2\ 

1-25 X 10-® — [CJ 


Kz = 3-04 X 10-’, 


where 1-25 X io“® is the concentration, in moles per litre, of a 
solution (saturated) of carbonic acid. Hence both [Cj] and [Ca] 
may be calculated, and we can obtain the concentration of the 
HCOg' ions, and the number of H'*' ions arising from the 
carbonic acid in the water. From this we can determine the con- 
centration of the H"*" ions derived from the weak acid. The con- 
ductivity of the carbonic acid can be determined from the calcu- 
lated value of [C2], but we are not justified in assuming that the 
corrected conductivity of the solution is equal to the difference 
between the observed conductivity of the electrolytic solution 
and that of the carbonic acid, since this difference would give the 
conductivity of the acid in the presence of carbonic acid. The 
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product of the concentrations of the ions and the anions» 
present in the solution containing carbonic acid, must be equal, ap- 
proximately, to the product of similar quantities in an ideal aqueous 
solution of the weak acid, i.e., one containing no carbonic acid, 
since the water concentration in the two solutions remains, approxi- 
mately, the same. Let [C3] be the concentration of the anions of 
the weak acid under these ideal conditions, so that we may write 

rC 3 ]^ {[C,] + [CJ}[C,] 

C - [C3] C - [C,] 

or, since the values of [CJ and [C3] are very small compared with 
that of C, 

[Cs]* = {[CJ -}■ [CJ}[CJ, 

and since 

{[C,] + [CJ}[C,] = {C - [C,]}K, - [C3]^ 

[C3] = VCKi, approximately. 


If a is the corrected specific conductivity, and A 
rected equivalent conductivity, 


oor 


the cor- 


CA 


<T = 


cor 


and since 


10® ' 

Acot [C3] 

“ ~ yin " c 


where Aq is the equivalent 


conductivity 



at infinite dilution, 


137. Conductivity of very weak solutions.— In measuring 
the conductance of dilute solutions it is necessary, on the one 
hand, that all the electrolyte present shall be in a known state, 
and on the other hand, that the specific conductance, due to this 
electrolyte, shall be determinable. Except in a few cases, impur- 
ities in the water have little influence upon the state of the salt 
in solution. At the same time, any impurities present are not 
necessarily influenced by the presence of the salt, and, accordingly, 
the conductance due to these impurities may be corrected for, 
by measuring the conductance of the water from which the 
solutions were made. With solutions of acids and bases this is 
not the case. If the impurity, present in the water from which 
an acid solution is made, contains a base, or the salt of a weak 
acid then the concentration of the acid will be influenced by the 
presence of the impurity. Furthermore, the correction to be 
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applied cannot be determined by measuring the conductance 
of the original solvent. For example, it was found in the early 
days, that the equivalent conductivity of an acid, instead of 
approaching a limiting value asymptotically, as the dilution 
increased, passed through a maximum, after which it decreased 
as the concentration was lowered. It has been suggested that 
this effect is brought about by the presence of a base, or a salt 
of a weak acid, in the solvent, as a result of which a certain amount 
of the hydrogen ion disappears on reaction with the base, the 
equivalent conductance being decreased accordingly. 

The influence of impurities in water, including alkalis from 



Fig. 54. — Effect of impurities on the conductance of iodic acid. 


the glass cells, is illustrated by the results of Kraus and Parker * 
for iodic acid, shown in Fig. 54, in which values of the equivalent 
conductance have been plotted against the logarithms of the 
concentrations, as abscissae. Curve i was obtained using quartz 
cells, and water of specific conductivity 0*095 “ ^ * 

ohm-^ ; curve 2, with another quartz cell, and water of 
0*5 X io~® ohm”^ ; curve 3, with soda glass and water of 
0-24 X io“® ohm“^ ; and curve 4, with the same cell but with 
water of o*8 x io~® ohm“^, specific conductivity. It is seen that, 
with quartz cells and the purest water obtainable, a maximum 
does not occur in the conductance curve, down to the lowest 
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concentrations used. Curve 2 shows a slight maximum, and, 
therefore, the difference between curves i and 2 must arise from 
the influence of impurities in the water. The pronounced maxi- 
mum in curve 3 is attributed to the influence of alkalis from the 
glass, and the difference between curves 3 and 4 to other im- 
purities in the water. 

The weaker acids showed no maximum down to concentrations 
0-0002 normal ; in fact, the maximum point cannot appear until 
the decrease in the conductivity, due to the presence of im- 
purities, overbalances the increase arising from the increased 
ionisation with dilution. The weaker the acid, the greater is the 
relative conductivity change for a given change in the con- 
centration. Consequently, it is only in the case of the strong 
acids that the effect is observed at higher concentrations. 

Kraus and Parker also noticed that, when acid solutions of 
concentration about 0 002 normal were introduced into glass 
cells, the resistance increased by 0 04 per cent., after the lapse 
of 30 minutes. This effect appears to be due to the fact that the 
concentration of the impurities, coming from the glass walls, is 
greater near the walls than at the electrodes. 

Whetham * found that, within the limits of experimental 
error, the equivalent conductance of a dilute acid is unaffected 
by boiling under reduced pressure, although the conductance 
of the solvent is thereby much reduced. The equivalent con- 
ductance of an acid is also unaffected by the addition of a small 
quantity of potassium chloride to the water. A little carbon 
dioxide gas, added to a sulphuric acid solution, however, con- 
siderably reduces the equivalent conductance of the solution. 

Whetham seeks to explain the apparent diminution in the 
equivalent conductance of acids and alkalis at extreme dilutions 
by the association of ions, brought together in solution. Such 
an association would take place if the solvent contained (a) a 
weak acid, such as carbonic acid ; (b) a weak alkali, such as 
ammonia ; (c) a salt, formed by the neutralisation of the weak 

acid by the weak alkali, for example, ammonium carbonate. For 
a given conductivity, ammonium carbonate is more effective in 
reducing the conductivity of a solution of sulphuric acid than 
ammonium, or carbonic acid, present separately. 

138 . Polarisation capacity. — From what has been said 
in section ( 130 ) an electrolytic cell, consisting of platinum 
electrodes in sulphuric acid, possesses polarisation capacity, when 
an electric current is sent through it, and this capacity, c, can be 

• Proe. Roy. Soe.y A, 76, 577 (1905). 
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counterbalanced by a self-inductance, L, if c = where^ — 27m, 

n being the frequency of the alternating current. Thus, the value 
of c may be determined experimentally, if L is known, when 
such a balance is obtained. One method of measuring this 
polarisation capacity was used by Haworth,* the arrangement of 
his apparatus being shown in Fig. 55. The electrolj't^ cell 
is denoted by the resistance R in series with a condenser, C. In 
series with it is placed a variable self-inductance, Lj, and in the 
adjacent arm of the bridge, another self-inductance, L2, is 
duced to balance the minimum self-inductance of the van^le 
one, when the electrolytic cell is short-circuited. bridge 

is balanced, initially, with the cell short-circuited. The latter 



is then introduced, and balance again obtained by introducing 
self-inductance in the cell arm and resistance in the adjacent arm. 
The cell capacity is then given by the formula 

L, — L\ being the difference between the initial and final valu^ 
of the self-inductance, L,. The alterations in the resist^ce and 
self-inductance must proceed simulUneously, and the above r 
lation only holds, provided that the capacity is a constant quantity 
during the current cycle. If it varies, the current wave will be 

distorted, and absolute balance will be impossible. , 

Hev + describes another method of measuring the polarisation 

capacity. Across the electrolytic cell is placed a condenser o 

* Trans. Farad. Soc., 16, 365 Set. Inst., 4, 401 (i9»7). 
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known capacity, and the system is short-circuited. The short- 
circuit is broken, and a second condenser of known capacity is 
charged to a known potential, and then discharged into the 
system. The first condenser is disconnected from the electrolytic 
cell, and from the second condenser, and then discharged through 
a ballistic galvanometer. Thus, the potential difference attained 
by the cell, which is the same as that of the first condenser, can be 
calculated. It is impracticable to determine the potential differ- 
ence from a discharge of the second condenser because of the 
residual effects. Since the depolarisation of the cell is rapid, 
the potential difference immediately after the discharge of the 
second condenser into the system is deduced by varying con- 
tinuously the time of contact of the cell with the first condenser. 

In determining the capacity at different frequencies, Merritt * 
developed an alternating current, of the desired frequency, by 
means of an oscillating valve, and a loosely coupled secondary 
circuit, tuned to resonance by means of its adjustable condensers. 
When the cell was placed in series with the variable condenser, 
it was necessary to make a small change in the setting in order to 
restore resonance. This change in capacity of the variable con- 
denser is equal to the electrolytic capacity. 

The capacities of electrolytic cells, acting as leaky condensers, 
vary with the solution, size of electrode, character of surface, 
resistance and other factors. The values range from lo to 1,000 
microfarads per sq. cm. for bright electrodes, and from 500 to 
c 000 microfarads per sq.cm, for platinised electrodes.f Warburg I 
predicted that the polarisation capacity would vary inversely as the 
square root of the current frequency. Merritt’s results are, m 
the main, in agreement with this theory, but within the range 
„ = 4 000 000 — 500,000 the capacity appears to be inversely 
proportional to the frequency. There is some reason to expect 
such a change in the law at high frequencies, since Warburgs 
theory is based upon the assumption that the ions are so numerous, 
that equilibrium between the ionic concentration in the liquid 
and that in the electrode can be established instantly, and without 
appreciable change in the concentration within the hquid. At 
sufficiently high frequencies this assumption must be modihed. 

Wolff § has found that the law relating capacity with frequency 
changes beUveen 3.000 and 100,000 cycles per second. He attn- 
buted this change to a true polarisation capacity effect, but the 


+ See*T^vk»r and^Acree^Tour. Amer. Chem. Soc., 38 , 2403 (1916). 
J Ann. d.’Phys. 4 , 303, 492 (1899) 125 (1901). 

S Phys. Rev., 27 , 755 (1926). 
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capacity depended very much upon the particular pieces of metal 
used as electrodes in the cell, and even for the same piece it varied 
considerably under different conditions. 

The measurements of Pierce * suggest that is constant 

over the frequency range 512-1,024 cycles per second. This re- 
lationship cannot hold at p = o, since in this case c would be 
infinity, whereas the capacity has a finite value at zero frequency, 
i.e.y with direct current. 

Using platinised and unplatinised - platinum electrodes in 
potassium chloride, Haworth f measured the capacity of the re- 
sulting cells at various frequencies. His results, at 18® C., are 
given in Table LXIV. 

TABLE LXIV. 


Capacity of Electrolytic Cells at Different Frequencies. 


Strength of KCI 
Solution. 

Cell with Platloised Electrodes* 

Cell with Unplatinised Electrodes. 

Capacity at 
Frequency 
ii000 cycles 
per sec. 

(m. farads). 

Capacity at 
Frequency 
xoo Cycles 
per sec* 

(m. farads). 

Capacity at 
Frequency 
1,000 Cycles 
per sec. 

(m. farads). 

Capacity at 
Frequencj- 
100 Cycles 
per sec. 

(m. farads). 

o*iN 

4,20© 

27,©©© 

81 

12© 

©•©sN 

3,62© 

x 6,55© 

8S 

121 

©•©25N 

2,260 

x©,6©© 

69*6 

JO6 

©•©12sN 

1,622 

6,81© 

68*5 

98 

©•©©625N 

1.072 

4.540 

59-0 

i©3 

©•©©3I25N 

1.072 

3,040 

547 

77 

©•©©I5625N 

633 

1,760 

59-8 

79 

©'©©©78125N 

i©8 

1,282 

36‘i 

68 


These results show that the effect of platinising the electrode is 
not simply to increase its area. If this were so, the ratio of 
the capacity effect at the platinised electrodes, to that at the 
unplatinised electrodes would remain constant, for different 
frequencies and strengths of the solutions, but this is not the case. 
The effect of platinising appears to produce a deposit of spongy 
platinum, which is capable of more or less absorbing the gas film, 
arising from polarisation. Thus, the enormous increase of capacity, 
observed with the platinised electrodes, is not due to the increased 
area of the electrodes, but to the diminished thickness of the gas 
film. 

The polarisation capacity decreases as the current passing 
through the electrolytic cell is decreased, but approaches a so- 


• Phys . Rev ., 31, 470 (1928). 
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called initial capacity. Miller * showed that the latter varied 
nearly directly as the one-fourth power of the concentration of 
the electrolyte. 


139. Resistance of fused electrolytes. — As a rule, the 
ordinary Wheatstone bridge arrangement with coil and telephone 
is not suitable for use with fused electrolytes, since their re- 
sistances are too small to be accurately measured. Fleck and 
Wallace f found that this was so with fused sodium hydrate. 
They employed an iron vessel in the form of an inverted cone, 
4 feet deep and 4 feet in diameter, which held nearly a ton of 
molten caustic soda, and measured the currents and the corre- 
sponding voltage drops between the electrodes. When these 
values were plotted, they lay on a straight line. The actual resist- 
ance, at 360° C., was about 0-2 ohm, and decreased with tempera- 
ture, thus following the well-known law of resistance variation of 

aqueous solutions with temperature. 

These experimenters showed that, if a constant current was 
passed between two electrodes, placed close together and im- 
mersed in the fused caustic soda, and the two electrodes were 
moved apart, the resistance increased until a certain maximum 
value was reached, after which it remained constant. When the 
current was passed through the fused electrolyte between sodium 
electrodes, Ohm’s law was followed, and thus, in the fused 
electrolyte, the ions are already in existence. No energy is re- 
quired to disrupt the sodium hydrate molecule. 

Biltz and Klemm X measured the conductivity of fused metal 
chlorides, using a sinusoidal alternating current of 500 periods 
per second at 4 volts with a bridge and telephone arrangement. 
A quaitz U tube, fitted with platinised-platinum electrodes, was 
employed as the containing vessel, and access of water was 
excluded. The constant of the cell was determined by calibrating 
with a potassium chloride solution. They investigated the effect 
of varying the capacity of the cell and form of the electrodes on 
the conductance values of fused salts. With disc-like electrodes 
the specific conductivity increased with capacity, but reached a 
limiting value which agreed with that given by other forms of 

electrodes. ... 1 • • 

In the case of the alkali chlorides the specific conductivity 

values for the fused salt were, at temperatures near the melting- 

point, LiCl - 5 - 94 . NaCl -3-56. Kd -219, RbCl - i-ss. CsCl 
— 1-14 ohm-L The molecular conductivity, A, is defined as the 


• Phys. Rev., 


22 , 622 (1923). t Trans. Farad. Soc., 16 , 346 (1920). 

X Zeits. phys. Chem.. 110 , 318 (1924)- 

22 
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product of the specific conductance and molecular volume, as 
derived from the density. These experimenters found that the 
values of the molecular conductivity, at the melting-point, varied 
with the molecular volume, v. For the alkali chlorides kv* was 
approximately constant and equal in value to that for the chlor- 
ides of the alkaline earths, while in the case of the chlorides of 
silver, cadmium and bismuth the value of the function was much 
lower. 
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CHAPTER X. 

THEORIES OF ELECTROLYTIC SOLUTION. 

140. Preliminary considerations. — There are two aspects 
to the problem of electrolytic conduction, namely, the well- 
defined equilibria which exist in solutions, and the mechanism 
whereby the conduction process is effected. As regards the 
equilibria, we apply the principles governing them, and support 
them by various assumptions, which involve an equation of state 
of the system. The precise form of this equation is not known, 
and thus no general solution of the problem can be reached by 
this method. On the other hand, a theory of the conduction 
process demands a precise knowledge of the forces that occur 
between the charged particles and their surroundings. If we 
assume a force function, statistical methods can be employed 
to find a solution, and these statistical methods are now being 
developed and applied to electrolytic systems. As would be ex- 
pected, the simplest type of problem is that in which the electro- 
lytic concentration is so small that the interaction between the 
ions and the other species present, even if not negligible, becomes 
calculable. At low concentrations, however, the experimental 
data are uncertain and it is difficult to compare results, deduced 
from theory, with those obtained experimentally. Lately, however, 
great success has attended the efforts of Debye and Hiickel who 
have developed, from purely theoretical considerations, the law 
connecting equivalent conductivity with concentration, which 
Kohlrausch had found empirically many years ago, namely, 

A = Ao- VC. 

The ionic theory of electrolytic solutions has met with marked 
success, not only in explaining conductance problems, but also 
in the allied problems, such as those involving osmotic phenomena, 
including freezing-point temperature depression, and boiling- 
point temperature elevation. 

Many theories have been proposed to represent the actual 
nature of electrolytic solutions, some of which do account for the 
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properties of one type of electrolyte, such as a weak one, but fail 
when applied to strong electrolytes. Some of these theories will 
now be considered. 


141 . Ostwald^s dilution law. — We have already men- 
tioned in Chapter III. some of the various formulae which have 
been put forward to represent the relation between the equivalent 
conductance and the concentration of electrolytic solutions. 
One of the first, and certainly the most important one originally, 
was Ostwald’s dilution law, which has been developed in section 
( 14 ) by means of an extension of the mass action law. The latter 
has been theoretically and experimentally verified for dissociation 
of gases, and it was extended to the equilibrium, which is assumed 
to exist, between the molecules of a salt in dilute solution and the 
ions of the salt. It is supposed that on entering into solution 
the salt molecules disappear, to a greater or less degree, 
place being taken by electrically charged particles — ions. Under 
these conditions, when equilibrium is established, we obtain 
Ostwald*s familiar dilution law, namely. 


I — a 



Experimental investigation on the conductances of dilute solutions 
led to the result that the equation is satisfactorily applicable to 
the cases of weak organic acids, but strong acids and bases, an 
their salts, give results which are widely divergent ^ ® 

theory. Weiland * has shown from the conductivity data tor 
solutions of potassium chloride, over the concentration range 
0*00001-0*001 normal, that K has a constant value in the case 
of solutions for which C is less that o*oooiN. This ^ 
regarded as direct evidence in favour of the validity of 
action law in its application to the ionisation of potassium ch on e 
at very low concentrations. Arrhenius t had previously . 

the view that the measurements of Kohlrausch and 
on sodium chloride solutions, were such as to indicate ^hat e 
ionisation is governed by the mass law at high dilutions, and 
supposition that the law is generally applicable, under 
ditions, is shared by Washburn, § who contends that the equihbnum 
constant, K, has the same value for all univalent salte o* 
acids and bases. Other investigators || also conclude that tne 

•Jour. Amer. Chem. Soc., 40 , 131 (1918). 

+ Medd. K. Vetenskapsakad, Nobel Inst., 2 , No. 4a (i 9 * 3 )* 

X Sitz. Akad. Wiss. Berlin, 36 , 665 (1899). 

Ijour. Amcr. Chem. Soc., 40 , 150 (1918). 

II Trans. Farad. Soc., 15 , 3 (1919)* 
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values of K for different salts of the type MX remain identical 
at concentrations that are appreciably greater than those for which 
the mass action law holds, and this identity persists up to con- 
centrations that increase, as the salts under comparison resemble 
each other more and more closely. 

Apart from the evidence which has been brought forward 
in favour of the operation of the mass law at higher dilutions, 
it must be recognised that the law fails completely to account for 
the general behaviour of the strong electrolytes, more particularly 
in the region o'oooi-o oi normal. These divergencies may be 
explained thus : — * 

(fl) The errors incident to the measurements are large enough 
to produce the observed deviations. For example, with strong 
electrolytes (i — a) is small, and a small error in determining the 
value of a would produce a considerable change in K. 

(b) The method of calculating a is not accurate, since it is 
assumed that the ionic velocities are independent of the solution 
concentration. This is certainly not so in strong electrolytes, 
but the experimental evidence shows that the ionic mobilities 
approach limiting values at great dilution, and may be taken as 
constant over a small range. 

(c) The formation of complex ions will cause a divergence, 
since in the ordinary theory it is assumed that only simple ions 
exist in the solution. There is no evidence, however, of the 
existence of complex ions in solutions such as potassium chloride. 

{d) It may be that ionisation is complete, in which case 
Ostwald’s dilution formula cannot hold, since (i — a) would be 
zero, even if C were not zero. 

(e) The mass action law may not be applicable to electrolytic 
ionisation. Arrhenius f suggested that ^ is a function of the 
total ionic concentration, and that Ostwald’s law was not strictly 
correct for any actual substance, but in the case of weakly dis- 
sociated acids and bases the error, owing to the small ionic 
concentration, falls within the limits of experimental error. 

142 . Anomaly of strong electrolytes.— Direct evidence 
for the view that the mass action law is obeyed by strong electro- 
lytes, even at very great dilution, seems to be of a very uncertain 
character. For example, the results for potassium chloride 
lead us to suppose that the law gives a constant value of K at 
concentrations below o*oooi normal, but that at a concentra- 
tion of 0 0005 normal, the value of K has already increased by 

• See Partington, yoi/r. Chem. Soc., 117 , 1158 (1910). 
f Zeits. phys. Chem., 37 , 490 (1901). 
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loo per cent. The presence of very considerable disturbing in- 
fluences must therefore be admitted, even at such great dilutions, 
and there does not appear to be any reason why these influences 
should disappear at a concentration o-oooi normal. If, however, 
we suppose that the strong electrolytes are completely dissociated 
in dilute solutions, then the changes in conductivity must be 
attributed to variations in the ionic mobilities, rather than to 
changes in the ionic concentrations. It must be emphasised 
that the variation of the conductivity with concentration of 
weak electrolytes is still explained by the unmodified Arrhenius 
theory, in which no account is taken of possible changes in the 
ionic mobilities. 

Assuming complete dissociation, the disturbing influences 
may be attributed to the electrical charges on the ions, and to the 
effect that they produce on the ionic mobilities. We should 
expect these influences to persist, even at the greatest dilutions, 
and the theory of Arrhenius must be modified therefore, so as to 
take them into account. Thus, for any electrolyte in any solvent, 
the change in conductivity with concentration is to be attributed 
to two causes, in part to changes in the mobilities of the ions, 
and in part to a decrease in their number, resulting from their 
combination to form neutral molecules. 

143. Complete dissociation. — ^The view that the so-called 
strong, or strongly dissociated, electrolytes are completely 
dissociated is not a new one. It has been proposed in particular 
by Sutherland.* He suggested that ionisation was complete at 
all strengths, and that account should be taken of the dielectric 
constant of the solvent and of the ions. He assumed a resistance, 
which the ions offer to one another*s motion because of their 
forming with the solvent, through their electric action on one 
another, a medium which offers a special viscous resistance to the 
motion of each individual ion. This is a new type of vis- 

cosity and is of electrical origin. But the charge on each ion 
causes electric induction through the surrounding solution, an 
within this is associated a second new type of viscosity, ^so o 
electrical origin. These resistances, together with the ordinary 
viscosity of the solution, give three resistances to ionic motion. 
When their sum was equated to the electrical accelerating force, a 
formula for the molecular conductivity was obtained, which w^ 
found to be in harmony with the experimental results, obtamed 
with non-aqueous and aqueous solutions, both at ordinary and 

• Phil. Mag., S, i6i (190a) J 12 , 1 (1906). 
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at high temperatures. These hypotheses seem somewhat specu- 
lative, and the view is not one which is generally accepted. 

The supposition, that an electrolyte is completely dissociated, 
eliminates the long outstanding difficulty of the lack of agreement 
bet^veen the observed freezing-point temperature variation and 
the mass action law, for the latter clearly does not now come into 
the matter at all. On the other hand, at first sight, an equally 
important new difficulty is raised by the existence of a variation 
in the molecular conductivity with concentration, for this can 
now no longer be ascribed to incomplete dissociation. However, 
the interionic forces in a completely dissociated electrolyte may 
be expected to produce an effect upon the conductivity, as well 
as upon the osmotic pressure. 


144. Ghosh's theory. — In a series of articles Ghosh * ad- 
vanced a theory of electrolytic solutions on the assumption that 
all ions, having a kinetic energy above a certain critical value, 
are effective in transmitting the current through a solution. In 
determining the fraction of the ions having a velocity above a 
given value, he assumed, without justification. Maxwell’s law for 
the velocity distribution. A weakness of his theory was that it 
did not account for those properties of electrolytes which depend 
upon the nature of the electrolyte itself. 

Assuming complete ionisation, he expressed the conductance 
as a function of the concentration by means of the equation, 


log A = log Aq — 


pc* 

DT' 


where 


Neo%2N)* 

2’2026mR* 


and N is Avogadro’s number, R, the gas constant, w, a factor 
depending upon the number of ions produced from a single 
neutral molecule and the number of charges associated with a 
single ion, as well as upon the manner of distribution of these 
ions in the solvent medium, the electrostatic unit of charge, 
and Z), the dielectric constant of the solvent. His equation 

reduces to the form, 

Ao-A = AC*, 


at very low concentrations, which was one of the formula employed 
by Kohlrausch. Ghosh thought that this result best supported 
his theory. Plotting the experimental values of log yl against 
the cube root of the concentration, the experimental points lay 


•Jour. Ghent. Soc., 113 , 449 . 627 , 777 . 79 ® ( 19 * 8 ). 
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upon a curve concave towards the concentration axis at low 
concentrations, and convex towards the axis at high concentrations. 
If Ghosh’s equation were applicable, the points should lie upon 
a straight line. The deviations of the points from a linear 
relationship was consistent throughout, and could not be ac- 
counted for by errors in the original observations. 

If it is assumed that Ghosh’s theory accounts for the effect 
of temperature on the conductivity of electrolytes, it is necessary 
to suppose that p is not a constant, but varies with the temperature. 
The actual determination of the value of p depends upon the evalu- 
ation of the potential of the electric field due to the ions. To 
calculate this potential, he found it necessary to ascribe to the 
ions, not only certain definite charges, but also certain definite 
fixed positions in the medium. Since jS is a function of the 
temperature and the concentration, as well as of the nature of 
the solvent medium and the dissolved electrolyte, it follows that 
in order to account for the variation in /3, it is necessary to discard 
the assumption that the ions occupy a fixed position in the medium, 
independent of the temperature and the concentration. If this 
assumption is dropped, it obviously becomes impossible to 
calculate the potential due to the field of the ions in the medium, 
unless some other hypothesis is made with regard to the distri- 
bution of the charges. If the charges do not occupy a fixed 
position, but a variable position, dependent both upon the 
temperature and the concentration, it appears that we must 
necessarily revert to a kinetic interpretation of the state of the 
ions in the solution. The distribution of the ions, therefore, 
must be determined according to the kinetic hypothesis, taking 
into account the influence of the charges upon the distribution 
of the particles in the medium, and their motion, relative to 
one another. The application of Maxwell’s distribution law 
to a system of charged particles, and particularly to a system 
of charged particles subject to restriction as regards their positions 
relative to one another, appears a doubtful procedure, since, at 
the best. Maxwell’s law of distribution cannot be expected to 
hold, save in the case of systems free from constraints. 

These important objections do not necessarily mean that the 
whole theory is incorrect, but it cannot be accepted in its pr^ent 
form. The main idea of complete ionisation, however, has been 
successfully developed by other investigators, particularly by 
Milner and Debye and Hiickel. 

145, Milner’s theory.- —Milner • has shown that in a gaseous 
mixture containing N positive and N negative ions within a 

• Pka . Mag ., 23, 551 (1912) ; 25, 742 (19*3)- 
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volume the ions will not be distributed at random, but that the 
ions of opposite sign will be, on an average, slightly nearer to- 
gether, and those of like sign, on an average, slightly further 
apart than they would be in a purely random distribution. 
Since there is a deviation from this random distribution, brought 
about by the action of the interionic forces, there exists for the 
mixture a virial which, for a purely random distribution, would 
be zero. 

Before proceeding further, let us consider what is meant by 
a virial. Suppose that the co-ordinates of any molecule in a 
system are a', jy, and that the components of the force acting 
upon it, parallel to the three axes, a, ^r, are, respectively, X, Y, 
Z. Then Clausius* has shown that the mean kinetic energy of 
the system is 

- mxX + 3-Y + zZl 

and this quantity is known as the virial of the system. 

In the case of electrolytic solutions the virial depends only 
upon the forces acting upon the ions, and not upon the motion 
of the ions. The forces included in the virial are of two kinds : 
(i) the mutual forces between the ions themselves, and (2) a 
force acting upon the mixture of ions, due to the non-random 
distribution. _ 

Milner defines the virial, E, as 


where e is the ionic charge and r, the distance apart of any pair of 
ions. The summation is to be extended, with appropriate sign, 
over every pair of ions which can be formed out of the 2N ions 
within the volume, and then arranged over every possible con- 
figuration of the system, due regard being paid to the probability 

of the occurrence of each configuration. He found that E could 
be expressed in the 

E — ^coh(f>{h), . (^ 4 ^) 


where 

and 



(147) 


N is the number of molecules in a mole, w, the most probable 
value, two-thirds, of the average kinetic energy of translation 

• Phil. Mag., August (1870). 
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possessed by an ion, or a molecule, at the temperature T, and 
4 >{h) is a function of A, theoretically determinate. It will be noted 
that A is a pure number, being the ratio of the potential to the 
kinetic energy. 

In equation (146) the interionic forces are reckoned positive 
when repulsive, and £" is a negative quantity, 4 >{h) being always 
negative. Put W = — Ey and <l>'{h) = — ; then, 

NoiVW- 

The value of W is positive, and W may be called the attractive 
virial. If the volume v contains one mole of the associated 

RT 

ions, then N = iV, and co = whence 

W^RTh^\k). . . . ( 148 ) 

We do not know the exact effect on the interionic forces of the 
water molecules situated between the electrolytic ions ; it is 
doubtless a very complicated one, but it will certainly diminish 
the forces very considerably. If we assume that the effect is 
the same as would be produced if the ions were immersed in a 
continuous medium, say water, of specific inductive capacity D, 
the same expression (148) for the virial will apply if, in place 
of the expression (147) for h, we substitute the value, 


=( 


87r^\*£ol 

3 V / Doi' 


(149) 


Let C be the concentration in moles per litre, and Fj the charge 
per gram ion of a monovalent ion, then substituting in equation 


(H 9 ). 


1000 XT • RTe^ 

v = -^.Ar^-andc. = -^ 


we obtain h = — ■ 

io\ 3 / DRT 

Putting ^0 = 4*77 x 10-^® electrostatic units, 9^54 'X 3 ^ 
electrostatic units, R= 8*31 X 10’ ergs per degree Centigrade, 
T = 273 and Z) = 87 at o® C., 

h = I-203C*. 

Given the virial, we can, if we treat the electroljrte as^we should 
a gas, at once obtain the pressure by using Clausius* equation, 
namely, 

pressure X volume = f (kinetic energy) — ^ (virial). 
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Applied to a completely dissociated electrolyte, this relationship 
gives, since there are two gram ions present in a volume v, 

Pv = zRT - iW, 

or • ■ (>5°) 


Now if Sr is the lowering of the freezing-point temperature 
of a solution, containing C moles of solute per litre, then, 

Pv T 


.RT, 


where t is the molecular depression, t.^., the depression of the 
freezing-point temperature per mole of solute per litre. This 
last relationship is practically independent of whether the 
osmotic pressure obeys the ideal gas laws or not. By combining 
it with equation (150) we obtain, for the variation of t with the 
concentration in a completely dissociated electrolyte, 


T = i-858{2 - W'W}- 


Milner found that the experimental and calculated values of t 
for potassium chloride, sodium chloride and ammonium chloride 
agreed very closely, and that there was a fair agreement for the 
nitrates of ammonium, sodium, potassium, rubidium, and caesium. 

Summarising Milner’s extremely important work, he assumed 
complete dissociation of electrolytes in dilute aqueous solutions, 
and taking into account the interionic forces, he developed an 
expression for the depression of the freezing-point temperature 
which agreed well with experimental results. The theory was 
not developed so as to apply to the electrical conductance of 
electrolytic solutions. 


146 . Debye and Hiickers theory. — Debye and Huckel * 
have deduced a relationship between the equivalent conductance 
and the concentration, which is based on two general principles, 
one, the so-called Boltzmann’s principle from the kinetic theory 
of gases, and the other, known as Poisson’s equation, is derived 
from the law of electrostatics and involves Coulomb’s law. They 
applied these principles, in the first place, to determine the 


Phys. Zeits., 24 , 185 ( 1923 )- 
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distribution of the ions of opposite charges around any selected 
ion, and to evaluate the potential that prevails around the ion 
in consequence of its own charge, and of the unequal distribution 
which it produces in the surrounding ions. 

Consider an ion at O (Fig. 56), having an electrical charge equal 
to e. This ion produces in any shell, of volume Stj, located be- 
tween distances r and r + 8r, a potential, 0, and a density, p, 
of electric charge. Now, if a large number of molecules possess 
an average kinetic energy, %kTy and are distributed throughout 
a region in which there are, at different points, different fields of 
force, there will be, accordingly, different potentials, and any kind 
of molecule, in a volume element Sz?, will acquire a definite 
potential energy, E. The number of molecules in this volume 
which possess energy, E, will equal the number of molecules per 
unit volume, at a place where E is zero, multiplied by the factor 

e and the volume 8 vy where e is the base of Naperian logarithms. 

This result is known as Boltzmann s 
principle, and k is defined as Boltz- 
mann’s constant. 

Consider an ion migrating in a 
solution, and imagine a line of fixed 
length connected with the ion, in 
such a way that during the migra- 
tion of the ion, the direction of this 
line in space is maintained constant. 
At the end of the line we imagine 
an elementary volume. If we con- 
sider the ion and its elementary 
Fig. 56. — The ionic atmosphere, volume for a certain time, we find 

that sometimes an excess of positive, 
and sometimes an excess of negative, electrical charge, is conteined 
within the elementary volume, due to the various ions within the 
solution. Taking the time integral of this charge, and dividing 
by the whole time of observation, we obtain the mean charge 
within the element. The density of the electricity within the space 
surrounding an ion — this space is known as the tonic atmosphere 
is thus the mean charge divided by the volume, and it is obvious 
that, as far as the Coulomb forces alone are considered, the 
electrical density within the ionic atmosphere will be of opposite 
sign to the charge on the ion. Thus the ionic atmosphere 
surrounding any selected positive ion will contain an excess o 
negative electricity. This will cause an average electrical potential, 
py and an average electrical density, p, to exist at any distance 
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from the selected ion. If we apply Boltzmann’s distribution 
principle, we have 


p — ne(€ — c^), 


• (^sO 


where e is the charge on a positive ion, T, the absolute temperature, 
and n the number of positive ions per cubic centimetre of solution. 
Assuming Poisson’s equation,* 




• (152) 


where D is the dielectric constant of the medium in which the 
ions are situated. 

Hence from equations (151) and (152), 




A TTPfl 

.S'), 


D 

Siren . 


eth 


or V^'A^-^smh^. 

The average potential in the space around the selected ion depends 
only upon the distance from the ion, and for small values of the 

potential, i/t, we may write 

. , eip _ eip 
smh . 


and thus, 


_ Sire^ntP 
DkT 


Transforming to polar co-ordinates, we have 

^ r br 


• (153) 


where 


.2 


Sire^n 

'DkT' 


- having the dimension of a length, and being known as the 

thickness of the ionic atmosphere. It is a characteristic factor in 

the theory of Debye and Hiickel. 

Integrating equation (153) we obtain, 

'P = — T— » 


• See Appendix I. 
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where ^ is a constant, so that if r is small, i.e.y if we consider points 
not far removed from the ion, 

^ = ^-Ak, 

and this expression represents the total potential at a point 
distant r from an ion. But this potential is made up of two parts, 
namely, that due to the ion, if there were no surrounding ions, 
and that arising from the ionic atmosphere, t.e.y from the unequal 
distribution of the positive and negative ions in the surroundings. 
At infinite dilution the potential at a point will be that due to the 

ion alone, so that A = and thus the potential at points 

very close to the ion, arising from the existence of the ionic 
atmosphere, is given by 


tp — — Ak = 


— eK 


In other words, the potential of the ion itself resulting from 
the ionic atmosphere is — ==r— . 


If the electrolyte is not a simple one, then, 


^2 _ 

DkT2-»" * 


( 1 54 ) 


Tii being the number of the ions of the fth sort. 

Debye and Hiickel assumed that strong electrolytes in dilute 
solutions are completely dissociated, and they attributed the 
variations of the conductance with concentration to changes in 
the ionic mobilities, and not to any change in the fraction of the 
number of molecules dissociated. The velocity of an ion, as it 
moves through a liquid, depends upon the accelerating forces, 
produced by electrical forces and the frictional, or retarding, forces 
which always act upon a body moving through a viscous medium. 

An ion at rest possesses a symmetrical ionic atmosphere, 
but the symmetry will be destroyed as soon as the ion moves. 
Thus, when an external electric field is applied to an electrolj^c 
solution an ion moves, say to the right, and during its motion it 
will have to build up, as it were, an electrical charge density to 
the right, but to the left of the ion the electrical charge density 
is too large, and will have to decrease. If the ionic atmosphere 
were created, or changed in value, instantaneously, the central 
symmetry would exist, even during the ionic motion, but this is 
not the case. Since the charge density in the ionic atmosphere 
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is always opposite in sign to that of the charge on the ion, it follows 
that the ion will be subjected to an electric force, due to this lack 
of symmetry, and the direction of this force will be opposed 
in direction to that exerted by the external electric force. Debye 
and Hiickel • showed that the value of this opposing electric force 
is equal to 

- u 

bDk'r^ 


where 





• (155) 


tii is the number of ions of the ith kind per c.c., the charge on 
the ion of this kind, i/^. its velocity, and a friction coefficient, 
such that when multiplied by the mean velocity of the ion, the 
result is equal to the frictional force, due to the viscosity of the 
medium, which the ion has to overcome during its steady motion. 
Thus we have two electric forces acting upon any one ion, and 
they act in opposite directions. 

For steady ionic motion these two forces are in equilibrium 
with any opposing frictional forces which may act upon the 
ion, as it moves through the liquid. For infinitely dilute solutions 
there will be only one such retarding force, namely, that which 
is always exerted upon a body when it moves through a medium 
possessing viscosity. The value of this force is, by Stokes’s law, 

OnbiTjUi or 


where bf is the radius of the ion, and rj, the viscosity of the liquid. 
But if the solution is not infinitely dilute, the charge on the ionic 
atmosphere will also be acted upon by the external electric force, 
and, accordingly, since the sign of this charge is opposite to that 
upon the ion, there will be created an additional relative motion 
between the ion and its atmosphere, and thus an extra force, 
tending to oppose the motion of the ion through the fluid. This 
will have the effect of increasing the apparent frictional force by 

an amount,*!* 

eiXbfKt 


where X is the external electric force!’ Thus, the total retarding 
viscous force, opposing the motion of the ion through the liquid, 

is equal to 

+ CiXbiK. 


* See Appendix II. 


f See Appendix II. 
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For steady ionic motion through the solvent the sum of the 
accelerating electrical forces acting upon an ion must be equal 
to the total frictional, or retarding, forces and thus, 


or 


Ui = 




I — biK 


^ tDkT 


BiX 


i.e., Ui = — hiK — ^ , approximately. (156) 

At infinite dilution /c = o, and 

eX 

(w,)o = where 677^76, = Ci- 

it 

Since the equivalent conductance, is proportional to the ionic 
velocity, we see that the change in /I, produced by changes in 
concentration, is proportional to «■. But k, the reciprocal of the 
radius of the ionic atmosphere, is proportional to the square root 
of the concentration, equation (154), and therefore this theory of 
interionic attraction leads to KohIrausch*s formula section ( 140 ) 
for the relation between equivalent conductance and concentration. 
Now the specific conductivity, a, of an electrolytic solution 

is equal to and so, from equation (156), 


[S 


At infinite dilution, 




Thus, using the values of ^ and /c, as given in equations (iSS) 
and (154), respectively, we have 




■2 


2 ”"?r' 2 

2 ¥-’^2-- 2 


UiBi 


Suppose that every molecule of solute, when in solution, dissoci- 
ates into Zit Z2, etc,, ions of valencies Vi, vg, etc., then, 

. (»S 7 ) 


iZIfl 

DkT 
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where i ^0 is the charge on a univalent ion, «, the number of 
molecules of solute per c.c., and 


- 


and 


b = 


J3r,Vi®Ai 

Cl 


— Ct 


For example, in the case of a uni-univalent electrolyte, such as 
potassium chloride, Zi — S2 = ^ vi = ^2 = i, so that 


— 4 - — 

Cl C2 


2C,C 


Wo = Vi = I, 


and 


b = 


^ -4- ^ 

C, ^ C2 + 62C1 


— 4 - — 

Cl C2 


C1 + C2 * 


Now the equivalent conductance. Ay is given by ^ = 


1000 a 


NC 


where C is the concentration in moles per litre, and n = , N 


1000 


being the number of molecules per mole. Hence, for aqueous 
solutions of uni-univalent electrolytes, at 18° C., we have, on 
substituting the values of the various constants in equation (157), 


An- A 


'A r 

— = Lo‘ 
0 


X IO» + 0-27, 

233 X 10 + ° 273 




and we thus obtain the relation between the equivalent con- 
ductivity and the concentration of an electrolyte, found empirically 
by Kohlrausch. The calculated and experimentally determined 

23 
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values of the equivalent conductivity of potassium chloride are 
given in Table LXV. 


TABLE LXV. 

Calculated and Experimentally Determined Values of the Equivalent 

Conductivity of Potassium Chloride, 


2C. 

JiC . 

A (calculated). 

A (observed). 

Difference. 

o'oooaN 

0*014142 

129*09 

129*07 

— *02 

0‘ooo4N 

0*020000 

128*75 

128*77 

+ *02 

o'OOioN 

0031623 

128*08 

128*11 

+ *03 

0-0020N 

0*044721 

127*34 

127*34 

*00 

o*oo4oN 

0*063246 

126*32 

126*31 

— *01 

o'OiooN 

0*100000 

124*39 

124*41 

+ *02 

O'ozooN 

0*14142 

122*36 

122*43 

+ *07 

o*040oN 

0*20000 

119*75 

1 19*96 

+ *21 

o'loooN 

0*31623 

115*51 

115*75 

+ *24 


There is close agreement between the calculated and observed 
values of the equivalent conductance at different concentrations. 
Debye and Hiickel have made a comprehensive survey of con- 
ductivity data for dilute solutions, and have shown that they 
are in fair agreement with their theory. Similar comparisons for 
non-aqueous solvents are more difficult, as the experimental 
data are far less homogeneous and complete, but Hartley and 
Frazer * have shown that the relationship between equivalent 
conductance and concentration does hold for many uni-univalent 
salts in methyl alcohol, up to concentrations of o-ooz normal. 
Many other investigators f have also found that there is very close 
agreement between the experimental values of the equivalent 
conductance and those calculated on Debye and Hiickers theopr, 
and that this theory accounts satisfactorily for the conductivity 
of completely dissociated electrolytes in different solvents. 

Since the potential of an ion, due to its ionic atmosphere, is 

— it follows that, if v,- is the valency of any particular ion and 

the charge on a positive univalent ion, the increase, in 
its energy, caused by its removal from its ionic atmosphere, is 
given by 



D • 


• Proe. Roy. Soe., A, 109 , 351 (1925)* 
t See Trans. Farad. Soc., 23 , 333 (i 9 a 7 )‘ 
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If all the ions in any given solution are removed from the influence 
of their ionic atmospheres, the energy increase is ^ShEi. The 
factor ^ comes in, otherwise the effect of separating any given 
pair of ions would be counted twice. In view of the addivity of 
the energy effects, we may distribute this energy increase among 
the different kinds of ions present. Thus, the energy-increase, 
AEi^ attending the removal of N molecules constituting one 
mole of any particular kind of ion, of valence I'j, is given by 




2D 


Substituting the value of k from equation (154), 

^ ^ Ne^^Vi^V^ry/ ErtiVi^ 

' — (D^kiy 


and for a concentration of C moles per c.c., 

* Vd^t 


where A is equal to R being written for Nk. In the 

general case, where moles of the ion A, rtf, moles of the ion B, 
etc.y are present in the solution, the difference between their energy 
contents in the infinitely dilute and in the more concentrated 
solution is given by 

== . . (158) 

Vd^t 


Milner had previously determined the energy change, correspond- 
ing to the inter-ionic attraction, in the case of a single salt with 
ions of equal valence, and his expression was approximately two- 
thirds of that given in equation (158). This difference has now 
been explained. Adams * has pointed out that the quantity ob- 
tained by Debye and Hiickel is the free energy of transfer of ions 
from a given solution to a very dilute solution in which the elec- 
trical forces are negligible, and is equal to the free energy change 
at constant pressure, not the change in the total internal energy. 
Only if the dielectric constant is independent of temperature 
are these two thermodynamic functions equal. Milner, on the 
other hand, calculated the work done in separating the ions in 
a given solution to an infinite distance from one another. This 


Jour. Amer. Chem. Soc., 48, 621 ( 1926 ). 
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is equivalent to a change in the work content^ or a change in 
Helmholtz’s free energy ^ and this maximum electrical work is 
two-thirds of the free energy change at constant pressure, if the 
inverse square law of force is assumed. Thus, the discrepancy 
between the two results is explained. 

To derive an expression for the osmotic pressure, we may 
consider the virial equation of a gas, namely. 


Pv = \mni^ — . r)j 


(159) 


where I^{f . r) is the virial, and denotes the sum, for all the pairs 
of the n molecules in a volume v of gas, of the products of the force 
f between the molecules of each pair and their distance r apart, 
nZy the mass of each molecule, u its kinetic velocity, and p, the 

X 

gas pressure. If the force function is of the form, f where 

X is the force acting between two molecules at unit distance 
apart, then the virial is evidently the difference between the energy 
which the molecules possess in a perfect gas, and that in the actual 
gas. If we assume that the virial equation is applicable also to 
solutions, the osmotic pressure replacing the gas pressure, we 
can at once derive an expression for the osmotic pressure, P. 
Thus, if the solution contains one mole of positive ions and one 
mole of negative ions in the volume v, and each ion is of valence 
± V, we have, from equation (158), 


2 /IE = 2 AvW 2 Cv^ 

Vd»t 


and thus, 


Pv = 2RT — 


zAt^V zCv^ 




since S{f . r) = zAEy and = zRT. Putting — = C, we 


have 


P = zCRT — 


zACv^VzC^ 


. (160) 


From this equation we may derive an expression for the 
freezing-point temperature depression, if we assume proportion- 
ality between freezing-point temperature depression and osmotic 
pressure. Debye and Hiickel made an extensive study of exist- 
ing freezing-point data and showed, graphically, that for ionic 
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strength * up to about o*03N, uni-univalent, uni-bivalent and 
bi-bivalent salts yield freezing-point temperatures which agree 
with those calculated by means of equation (160). 

Other striking confirmatory evidence which supports Debye 
and Hiickel’s theory is that values of the mean apparent radius 
of the various ions, calculated by means of equation (157), agree 
well with those determined in other ways.f The values approxi- 
mate more closely in the case of ions such as sodium, barium, 
chloride, etc., where the electron structure is of the noble gas 
type. 

Having considered the evidence which supports Debye and 
Hiickel’s theory of complete dissociation, at low concentrations, 
and the interionic theory, we now pass on to consider evidence 
which indicates that in many cases the theo^ must be modified 
to some extent. The mathematical theory is not yet in a final 
form, even for dilute solutions, since there is still uncertainty 
as to the exactness with which Stokes’s law is obeyed, the effect 
of the intense electrical fields produced locally by the electrical 
attractions between the ions, and the way in which the dielectric 
constant varies with the concentration of the electrolyte. Never- 
theless, in its present form, it does give support to the belief 
that strong electrolytes are completely dissociated in dilute solu- 
tion, and that the interionic forces are responsible for the changes 
in their properties which occur with dilution. 

Even in dilute salt solutions, however, specific chemical 
interaction between the ions may be of importance, as well as the 
normal electrical attraction which exists between them. It is 
true that in dilute aqueous solutions there is a surprisingly close 
agreement between the behaviour of salts of the same valency 
type, although mercury salts form a striking exception, but when 
we pass to non-aqueous solvents with a lower dielectric constant 
than that of water, the purely physical aspect of the ionic relation- 
ship becomes more limited in its application, while the specific 
interaction of the ions begins to pl^y ^ more important part. 
For example, with water the slopes of the equivalent conductance 

concentration curves for the uni-univalent salts are practically 

the same, but with methyl alcohol the results are far less regular ; 
the curves for most nitrates have a different slope from that for 
the chlorides, and the conductance values for silver nitrate fall 


• The ionic strength of a solution is obtained by multiplying the concentra- 
tion of each ion by the square of that ion’s valence number, sunammg all these 

products, and dividing the result by two. j ai, i r w 07 

+ See Huckel, Phys. Zetts., 26 , 93 (* 925 ) ; Hamed and .^kerlof, ibid., 27 , 

411 (1926) ; Harned, Jour. Amer. Ghent. Soc., 48 , 326 (1926). 
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more rapidly, as the concentration is increased, than those for any 
other salt. These differences are too great to be accounted for 
by differences in the sizes, or relative mobilities, of the ions, and 
they indicate, in some cases, incomplete dissociation due to inter- 
action between the ions. With divalent ions the discrepancies 
in non-aqueous solvents are still more marked. W.th methyl 
alcohol, the calcium chloride and the perchlorate curves are 
normal in slope, while calcium nitrate behaves like a weak 
electrolyte ; on the other hand, the zinc perchlorate and nitrate 
curves are normal, while the curve for chloride is abnormal. 
Whether this is due to the formation of complex ions or molecules 
is not yet known definitely, but it is evident that in dilute non- 
aqueous solutions the specific interactions of the ions — in fact 
their chemical affinities — may dominate the situation. 

Bjerrum * has come to the conclusion that certain electrolytes, 
among them potassium nitrate and the iodates of potassium 
and sodium, cannot be completely dissociated. His ar^ment 
is that a certain proportion of the ions will form pairs which will 
act osmotically as single molecules if one, or both, of the ions 
has a radius smaller than a critical value. Under these conditions 
the ions will approach so near to each other that the attraction of 
a positive ion for a negative ion will be, for short periods, greater 
than the combined attractions of all the surrounding positive ions 
on the negative ion. According to this author, it is necessary to 
assume very small, or even negative, values for the ionic diameters 
in the Debye and Huckel equation, if correction is to be made 
for this association. Mueller f claims, however, that if a more 
rigorous mathematical deduction is made of the factors deter- 
mining the inter-ionic forces, Debye and Htickers theory will 
account for small ions without necessarily assuming association. 
Macinnes and Cowperthwaites’ J computations favour Bjerrum’s 
conclusions, although the latter call for larger degrees of association 
than those found by the former experimenters. 

McBain and Rysselberge’s results § for complex ions indicate 
that the real value of a, the degree of ionisation, must be less 
than unity, and that the numerical values of the coefficients 
occurring in equation (157) must be altered accordingly. Recently 
Nernst || has argued that some strong electrolytes must be incom- 
pletely dissociated, because the heats of dilution are of opposite 
sign to that predicted solely from the interionic attraction theory. 

• Kgl. Danske. Viden, Sels., 7 , 9, 2 (1926). 

f Pkys. Rev., 29 , 216 (1927). J Trans. Farad. Soe., 23 , 400 (i 9 * 7 )» 

ijour. Anier. Chem. Soc.^ 50 , 3009 (1928). 

II Zeits. Elektroc., 33 , 428 (1927). 
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He suggests a degree of dissociation for strong electrolytes which 
agrees with the mass law. His hypothesis^ however, is not yet 
completely developed. 

Fajans * deduced from optical measurements that neutral 
molecules and complex ions are present in solutions of strong 
electrolytes. Thus, from refractivity experiments with a 5 molal 
solution, the formation of undissociated molecules was found to 
be, approximately, a few per cent., and for a concentration 0 01 
molal, of the order per cent. The numbers are small, but 
if they are real, they cannot be looked upon as supporting complete 
dissociation experimentally, since with hydrochloric acid, for 
which there is general agreement as regards the existence of 
undissociated molecules in solution, the concentration of the 
undissociated hydrochloric acid, obtained from partial pressure 
measurements, was smaller still. Fajans calculated that in a 
5 molal solution of this acid, 6-3 per cent, of the molecules are 
undissociated, and in a o-oi molal solution the percentage is 
0-012. Ebert, t from vapour pressure measurements, showed that 

in a 0 01 molal solution of hydrochloric acid, the concentration 

of the undissociated moles was 5*9 X io“'-. 

For equi-concentrated solutions of different salts possessing 
a common ion, the product of the equivalent conductance and 
the transference number of the common ion should be the same, 
if the salts are completely dissociated. Macinnes and Cowper- 
thwaite % have shown from this result that even if alkali chlorides 
are assumed to be completely dissociated in a 01 normal solution, 
the nitrates of sodium, potassium and silver must be incom- 
pletely dissociated, or at least, their ions must be partly paired, 
or associated, in the manner supposed by Bjerrum. 

The square root relationship between equivalent conductance 
and concentration is only an approximation, applicable at great 
dilutions. At finite concentrations, deviations from this law 
must occur, even if it is true at ve^ small concentrations. The 
deviations depend upon the individual properties of the ions, 
such as their dimensions, as well as upon the variation of the 
viscosity of the solution with concentration, and particularly 
upon the deviations from Coulomb’s law, which probably occur 
when the distance between two ions becomes small, as it does, 
in association, or hydration. In spite of the validity of the square 
root law for electrolytic solutions in the higher alcohols, ab- 
normally large values of the ionic radius are found in these solutions, 
and, therefore, conformity to this square root relationship is no 

• Trans. Farad. Soc., 23 , 357 (1927)- 

f Naturunss., 13 , 393 (1925). t Loc. at. 
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guarantee that the variation of conductivity with concentration will 
be in accordance with Debye and Hiickel’s equation. 

Finally, Nernst * has shown that, if the greater decrease in 
equivalent conductance with increasing concentration of certain 
electrolytes in water, compared with that of potassium chloride and 
potassium bromide, be assumed to be due to incomplete dissocia- 
tion, values of the degree of dissociation are obtained which are 
in approximate agreement with those calculated from the freezing- 
point temperature depressions, although the effect of interionic 
attraction is taken into account in calculating these depressions. 

There is still the effect of the variation of the dielectric constant 
with concentration to be considered, but this will be discussed 
later. On the whole, however, while the theory of complete 
ionisation has met with such marked success, it is not applicable 
to all electrolytic solutions. Although the conception of a strong 
electrolyte is a modern one, the existence of strong and weak 
acids has been familiar for many years, and their properties had 
already been interpreted in many other ways, before the strength 
of an acid was finally correlated with its electrical conductivity 
in dilute solutions. The theory of complete ionisation receives 
its most serious challenge from the existence of weak acids which 
obey Ostwald’s dilution law. In addition, as pointed out in 
section (42), Ferguson and Vogel have shown that, in general, 
even in dilute solutions, the equivalent conductance of strong 
electrolytes is not strictly proportional to the square root of the 
concentration. 

147. Onsager's Theory. — Debye and Hiickel assumed that 
the total electric force acting upon an ion was equal to the sum 
of the external electric force and the additional electric force 
due to the non-asymmetry of the ionic atmosphere, this dis- 
symmetry arising from the movement of the ion. Onsager f 
argued that an ion which is moved with a constant velocity in a 
solution is not, strictly speaking, the same as a real ion, which, 
besides its mean motion in one direction, also possesses a 
Brownian movement. This irregular motion can indeed be ex- 
pected to have an effect on the dissymmetry of the ionic atmo- 
sphere. If we suppose the ion constrained to follow a given 
path, thus suppressing its Brownian motion, we shall always 
obtain too high a value for the resistance to motion, acting upon it 
as it moves through the liquid, and, also, a further correction 
must be introduced to allow for the migration of the ions forming 

• Zroc. cit. 

+ Pkys. Zeits.t 27 , 388 (1926) ; ibid., 28 , 277 (1927) ; Trans. Farad. Soc., 23 , 
341 (1927). 
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the ionic atmosphere. In the case where the mobilities of the ions 
of a uni-univalent electrolyte are equal, the correction term is 
2 — V2. so that Debye and Huckel’s equation, which may be 
written in the form,* 

Ao — Ao(KiWi -f KJ))\/zC, 

becomes 

A^- A ^ - V 2 ) + Kjb]V2.C. 

For potassium chloride at 18° C.. /Iq = i29'9, and the Debye and 
Hiickel expression leads to the equation, 

A^ — A ^ o-547'\/2C, 


A = o*433\/ 2C, 


whereas Onsager*s gives 

A- _ 

as against the experimentally observed value 0 461 V2C. The 
validity of Onsager’s formula is restricted to the simple binary 
electrolytes, and even then it is only true for very dilute solutions, 
but on the whole, there is close agreement between the experi- 
mental values of the equivalent conductance and those calculated 
from his equation for uni-univalent and for uni-bivalent electrolytes 

^ther theories of solutions, dealing more particularly with 
the relation * between their osmotic pressure and the relative 
lowering of their vapour pressure, have been put forward by 

Porter f and Sackur.J 

148. The dielectric constant of electrolytic solutions. 
—We have seen that the dielectric constant of an electrolytic 
solution plays an important part in modern electrolytic theories 
and, accordingly, we now consider, in some detail, the manner 
in which this function depends upon the concentration or the 

solution. . , . , 1 r 

If a molecule of any substance is subjected to the action ot 

an electric force, the molecule becomes polarised, its electric 

moment for small values of the electric force being proportional 

to this force. It can be shown that 


D 2, P z 

where M is the molecular weight of the substance, p. the density, 
Nf Avogadro’s constant, and a, a constant, which, for some 

• See section 42 . . ^ , o\ 

t Proc. Roy. Soc., A, 79 , 519 (1907) : 80 , 427 (.1908). 

X Lehrbuch der Thermochemie und ThermodynamiK P- 200. 
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substances, changes with the temperature. In these cases the 
dielectric constant changes with temperature, even if the density 
remains the same. 

Formerly, it was supposed that under the influence of an applied 
electric force every molecule was distorted to a certain extent. 
As the charges building up a molecule are partly positive, and 
partly negative, and these charges are displaced in opposite 
directions by the electric field, the result of such a distortion will 
be the appearance of an electric moment, the average value of 
which is independent of the temperature. 

Further, it seenis more than probable that, in general, a mole- 
cule may show an electrical dissymmetry which results in the 
existence of a residual electrical moment. This moment, too, 
can be oriented with the help of the electric field and, therefore, 
owing to this orientation effect, these molecules will contribute to 
the polarisation. As the orientation effect will depend upon the 
intensity of the molecular collisions, we should expect that the 
polarisability would depend upon the temperature, decreasing 
as the temperature falls. In practice, it has been shown definitely 
that N2O2 and CgHs are symmetrical molecules, whereas NH3 
and H2O are polar, their electric moments having very appreciable 
values. The order of magnitude of this moment is always 
as expected, since the product of the electronic charge and a 
length, comparable with the molecular diameter, is of this order. 

If a gas, consisting of molecules which are non-symmetrical 
and cannot be distorted in any way, be placed in an electric field, 
and the field strength then increased, it is to be expected that 
the mean molecular moment would increase as more and more 
molecules are oriented by the field. Finally, however, the 
field might become so strong that all of the molecules would 
have their moments lined up, as it were, in the direction of the field, 
and there would be no further increase in the mean moment. 
The same phenomena might be described by saying that the 
dielectric constant begins to decrease when the field is made very 
strong, the final value being unity, and that the beginning of this 
effect is the commencement of saturation. When saturation sets 
in, the function a is no longer a constant but decreases, and 
therefore, the dielectric constant must also decrease. 

Direct measurements of the change in the dielectric constant 
in strong fields, made by Ratnowski * and by Herweg,'|‘ seem to 
have proved the existence of this saturation effect. The dielectric 

• Verhandl. deut. physik. Ges., 15 , 497 (1913). 

t Phys. Zeits.t 3 , 36 (1920) ; Herweg and Potzsch, ibid.^ 8, 1 (1922). 


THEORIES OF ELECTROLYTIC SOLUTION 363 

constant was found to decrease slightly when a strong electric 
field, of the order 10® volts per centimetre, was superimposed 

upon the small measuring field. 

Values of the dielectric constant for electrolytic solutions, 
determined by Walden * show that for small concentrations this 
constant has a lower value than that of the pure solvent. Now 
at molecular distances from the ions we have to deal with very 
large electrical fields of the order io« volts per centimetre, and thus 
the ions set up electrical saturation in the neighbouring molecules 
of a solvent, such as water. If, furthermore, we consider only 
very dilute solutions, it will not be necessary to take into account 
the mutual interaction between the ions. Within the neigh- 
bourhood of the ions, then, the solvent molecules will assume 
positions with their moments parallel to the radial field. 

When a small measuring field is applied between two parallel 
planes in the electrolyte, since the field due to the 10ns will have 
oriented the neighbouring solvent molecules, the small measuring 
field cannot orient them as much as it can in pure water, and 
thus we may look upon the saturation effect, produced by the 10ns, 
as the equivalent of making holes, as it were, in the solvent around 
each ion, the radii of the holes depending upon the distance to 

which the saturation effect extends. « j- 1 * ■ 

From these considerations we should expect the dielectric 

constant of a salt solution to be less than that of the pure solvent. 
Thus Sack f has shown that for very dilute solutions the dielectric 
constant decreases linearly with concentration. He used solutions 
of salts of various types, including potassium chloride, barium 
chloride, and copper sulphate. The ions formed from these salts 
carry different charges, and this fact was found to affect the 
dielectric behaviour of the electrolyte. His results show that 

D = Do(i - bC), 


where D is the dielectric constant of the solution, that of 
the pure solvent, C, the concentration, and 6, a constant which is 

characteristic of the kind of ions. 

Now Sack recognised that if the effect is a saturation one, 

the value of b should depend only upon the charge on the 10ns, 

and not upon other physical characteristics, « least to a first 

approximation. He found that the value of * could be deterinmed 

bv a summation process, extended over all the different kinds of 

ions, and that for a single ion, its value should be proportional 
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to the charged or to valencyL He verified this conclusion from 
his experiments on different salts. 

Walden, Ulich and Werner,* by means of a high frequency 
resonance apparatus, measured the dielectric constants of a large 
number of liquids, and obtained curves, plotting the cube root 
of the concentrations against the dielectric constants. In all cases 
they found a lowering of the dielectric constant, proportional to 
the concentration at low concentrations, but there was a minimum 
value beyond which the dielectric constant increased with con- 
centration. The rising part of the curve varied with different 
solutions, but with aqueous solutions, on account of the limited 
solubility of the salts employed, only the descending part of the 
curve was realised. The slope of the downward part of the curve, 
as well as the position of the minimum value, varied with the 
dielectric constant of the solvent. 

Walden and Werner, f Hellmann and Zahn,J Nayder,§ Parting- 
ton and Rule || and many others have investigated this effect, and 
the reader is advised to consult the paper by Bluh T[ for a full de- 
scription of recent work on dielectric constants. For example, 
Hellmann and Zahn found that electrolytes were divisible into 
two groups : those, such as hydrochloric acid, which even at 
high concentrations show little lowering of the dielectric constant, 
and those, like copper sulphate, which show the effect even at 
very low concentrations. 

Hiickel ** found that the variation of the dielectric constant 
with changing salt concentration makes the self potential of the 
ion, which was neglected in the original Debye and Hiickel 
theory for the case of dilute solutions, appear as a significant 
factor in the domain of concentrated solutions. 

When hydration, electrical effects due to the ions, ionic as- 
sociation, change in the dielectric constant, etc.y unite, as they 
certainly do, in influencing the behaviour of ions, any theory 
which can explain the observations on the basis of one, or a few, 
of these influences cannot possibly be trusted as a sound solution 
of the problem. It should not be overlooked that strong salt 
solutions also exert a very remarkable effect on the molecules 
which have no net electrical charge. 

In solvent media which possess smaller dielectric constants 
than that of water, the increased inter-ionic electrical forces will 


• Zeits. phys. Ghent., 116 , 261 (1925). 

i (1926). X Phys. Zeits., 27 , 636 (1926). 

§ Acad. Pol. Sa. et Lettres Bull. No. 7 (a), 247 (192s). 

II Phil. Mag., 1 , 1035 (1926). 47 ^ 9 

q Phys. Zeits., 27 , 226 (1926). •• Ibid., 26 , 93 (1925). 
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cause larger deviations from the ideal laws of solution. We must 
expect the limit of the application of Debye and Hiickel’s theory 
for such solutions to be at a still lower concentration than for 
aqueous solutions. The tendency of ions to associate, which of 
course increases with increasing electrical charge and with decreas- 
ing ionic size, will be more marked for such solvents. Substances 
which are practically strong electrolytes in water may prove to 
be weak, or incompletely dissociating substances, in non-aqueous 

solvents. 

149. The Wien effect. — Under ordinary conditions the 
conductivity of an electrolytic solution is independent of the applied 
potential used in measuring it, but Wien,* measuring the con- 
ductance of solutions of sodium chloride, sulphuric acid, beryllium 
sulphate and calcium ferrocyanide, at high current frequencies 
and at voltages up to 8o kilo-volts per cm., found that in all 
cases the value of the equivalent conductivity depends upon the 
potential and increases with the applied field stren^h. This 
“ potential effect,” or Wien effect, increases rapidly with the valency 
of the ions. With intense fields, changes of the conductivity 
value exceeding 6o percent, were observed, and this potential 
effect at first increases linearly, approximately, with the field, but 
with very strong fields the conductivity tends to a constant value— 
the limiting value. The effect depends upon the concentration, 
in that thi initial rise of the conductivity is steeper, the more 
dilute the solution, fn very dilute solutions the limiting value 
is attained with comparatively low fields. With concentrated 
solutions the rise is slower, but continuous, so that the limiting 

value is higher than with dilute solutions 

Later, Wien f worked with weaker fields and obtained the 

following results : — , , i_ 

(a) The potential effect, ^A, m weaker fields may be repre- 
sented for all solutions investigated, by the expression 

AA = AX^ii - B-Y*). 

where A A is the change in the equivalent conductance, ^ and 
B, consunts, and X, the external field in volts per cm. which 

produces the change AA. . , . r .u. 

^ A is, approximately, proportional to the square of the 

product of the valency of the ions, and, approximately, inversely 


Attn. d. Phys., 83 , 327 (192?)* 


t Jbid., 85 , 795 (1928). 
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proportional to the square root of the concentration. It may be 
expressed by the formula 


where a is the specific conductivity x Tinnr* 

(c) Ay besides being dependent on the valency and the 
conductivity, depends also to a certain extent on the nature of 
the ions. 

(d) The second term B likewise increases with the product 
of the valencies, but much more slowly than A. In addition, 
it decreases with the concentration. 

(e) With acetone as solvent the course of the phenomenon 
is the same, but A is greater, and B smaller, than for aqueous 
solutions under the same conditions. 

Joos and Blumentritt * have extended Debye and Hiickers 
theory by considering the effect of high voltages. Their theoretical 
results indicate that the change in conductivity, SAy is given by 

8 A = AX^ - BX* + CX^ - . . M 

and with weaker fields by 

SA = AX^ — BX*y 


where, as before, A and B are constants. Blumentritt f found 
that, approximately, A was equal to , where 17 is the viscosity 
of the solvent, and v and D have their usual significance. In 
addition, B was equal to — , approximately, for binary electrolytes 
containing similar ions. 

These experimenters suggest three possible causes of the 
Wien effect ; (a) a chemical effect due to the destruction of 


complexes by intense fields ; {b) a decrease in the frictional 
resistance of the solvent, brought about by thermal effects and 
subsequent decrease in the viscosity of the solution — these two 
causes are quantitatively insufficient to account for the effect 
and (r) a mutual braking, or slowing up, of the ions, arising 
from the presence of the ionic atmosphere. 

If an ion is in motion under the action of an external electric 


field, there will be, as explained previously, an electrical charge 
density in the ionic atmosphere which is too small in front of, 
and too large behind, any ion upon which attention is fixed. 


Phys. Zeits.y 28 , 836 (1927). 


t Ann. d. Pkys.y 85 , 812 (1928). 
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Therefore, the ionic atmosphere will be asymmetrical, the asym- 
metry becoming more and more important, the greater the average 
ionic velocity. This asymmetrical electrical charge distribution 
will give rise to a resulting force called the electrical force of re- 
laxation. When the force acting upon an ion is suddenly changed, 
it takes a finite time for equilibrium to be re-established. This 
time interval is known as the time of relaxation. Its value for 
various electrolytes, at a concentration of o*ooiM and at 18° C., 
is given below. In addition, the wave-length corresponding to 
electrical oscillations, of periodic time equal to the times of 
relaxation, are included. 


Electrolyte. 

KCl 

HCl 

MgCl, 

CdSO* 

LaCla 


Time of Relaxatioo. 

0*553 X 10“’ sec. 
0*189 »» 

0*323 X XO-’ „ 
0*314 X 10-’ ,, 

0'208 X 10-’ „ 


CorrcspODding Wavelength. 
x6‘6 metres. 

5 67 » 

9 69 .. 

944 .. 

6*24 „ 


Although the degree of asymmetry can be calculated only 
approximately, even for small ionic velocities, the degree of 
accuracy obtained is usually sufficient. 

When the applied electric fields are intense, the resulting 
values of the ionic velocities are high. In Wien’s experiments, 
for example, they were of the order of one metre per second. 



Under these conditions the ions will travel over a distance, many 
times greater than the thickness of the ionic atmosphere, during 
the time interval of relaxation. The ionic atmospheres can 
hardly be built up, and in such very strong fields the force of 
relaxation is of little, or no, consequence. Thus, the equivalent 
conductance under these conditions will approach the value found 
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at infinite dilution, and so at any given concentration the conduct- 
ance increases as the electric intensity is raised. In Fig. 57 values 
of the electric force, are plotted, as abscissae, against values of 

the function ^ as ordinates, where is the equivalent 

conductance at infinite dilution, the value at any concentration, 
the electric field being very small, and A^, that at the same con- 
centration, but with an electric field of strength X. 


150. Conductance dispersion. — The conductance of an 
electrolytic solution also varies with the frequency of an applied 
alternating electric field. This effect is known as conductance 
dispersion. It may be measured by means of the arrangement 
shown in Fig. 58. 

An oscillating circuit. A, contains a condenser, K, and a spark 
gap, F, whereby voltages up to 500,000 can be obtained and 
applied to the electrolyte, connected in at R^. A comparison 


Fig. 58. — Measurement of the dispersion effect in electrolytic solutions. 



liquid resistance is inserted at Rg. If any difference occurs in 
the two resistances, a current is produced in the oscillating coupled 
circuit B, and actuates the galvanometer G. 

If the frequency of the applied electric field is great enough, 
the electrical force of relaxation disappears, and since this force 
operates to resist the motion of an ion, it is evident that the con- 
ductance will increase if the frequencies are so high that the force 
does disappear. Thus, there is a variation in the electrolytic 
conductance with frequency. 
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Falkenhagen and Williams * expressed the molecular con- 
ductance, yl, as a function of the frequency of the electric field in 
the form _ ^ ^ _ 

^ — ^00 — — -^ 2 * 

where y!® is the molecular conductance^ at infinite dilution, Ai 
the electrical force of relaxation, and Ay, the ordinary force of 
electrophoresis, f both expressed as conductances. These ex- 
perimenters found that the dispersion curve for magnesium 
chloride falls almost exactly along that for magnesium sulphate, 
and the curve for calcium ferricyanide lies between those for 
potassium ferricyanide and lanthanium chloride. The values 
of Aoo, Ai and ylz for different electrolytes are given below, C, 
the concentration, being expressed in moles per litre of solution. 


£lectrolyt«. 

KCl . 

HCl . 

LiCl . 
MgCl,. 

MgS 04 
LaCls . 
K.FeCCN), 
Ca*Fe(CN), 


Temperature. Aoo* Ai* A^ 

18° C. 130 291 X vC. 50 s X VC. 

18“ C. 380 85 2 X „ 50-5 X .. 

x8" C. 98 22 0 X „ 50-5 X „ 

18* C. 222 150 X „ 262 4 X „ 

18*’ C. 229 4*0 X „ 404 0 X „ 

18° C. 345 524 X „ 743 0 X „ 

25“ C. 680 1440 X „ 1890 0 X „ 

25^* C. 620 3920 X „ 2485 0 X „ 


The magnitude of the dispersion effect is recognised most 
simply when differences between the value of the molecular con- 
ductivity, for a definite frequency, and that for zero frequency are 
compared with the molecular conductance at infinite dilution, as 
in Fig, 59. Taking the example of K4Fe(CN)6, there is an in- 
crease in the molecular conductance of very dilute solutious of 
about I per cent, with wave-lengths corresponding to 16*3 metres. 
With diminishing wave-length the electrophoretic action remains 
unchanged but the relaxation effect decreases.^ 

The various factors which influence the dispersion of electrical 
conductance have been investigated bv Falkenhagen and Williams, 
and are summarised below, where and qAi are the relaxation 
effects at frequencies w and zero, respectively. 

(a) Influence of concentration on dispersion. The times of re- 
laxation decrease with concentration, being inversely proportional 


to the concentrations. 

{b) Effect of mobility. For any particular wave-length the 

values of ^ are much smaller for fast-moving ions than for the 

oAi 


•Jour. Phys. Chem., S 3 , 1121 (1929).^ , ^ . r .u i- j 

t The viscous force exerted on the ions due to the acuon of the applied 

electric force on the ionic atmosphere. . nn / o\ 

j See Debye and Falkenhagen, Phys. Zeitf., 29 , lai (1928). 
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slower ones. Thus, they are smaller for hydrochloric acid than 
for potassium chloride, and this is true for all wave-lengths. 

(c) Influenc^of dielectric constant. For the same wave-length 

the value of decreases as the specific inductive capacity lof 

0^1 

the solvent decreases. In the case of methyl alcohol solutions a 

100 



Jt 


^ ^ I , 



40 100 400 1000 

i^ave Length, in Metres 


4000 10.000 


/loo. Molecular conductivity at infinite dilution. 

Av, Molecular conductivity at frequency o*. 

Aq, Molecular conductivity at zero frequency. 

Fio. 59. — Variation of the molecular conductivity with wave-length. 

smaller wave-length corresponds to the same value of for 

aqueous solutions. 

(d) Influence cf temperature. As the temperature rises the 
value of at any particular wave-length falls, and this is true 
for all wave-lengths. Hence at the higher temperature appreci- 
ably smaller wave-lengths go with the same values of 

151. Activity theory. — In recent years the attempt to in- 
terpret the properties of solutions of strong electrolytes in terms 
of the degree of dissociation, measured by the conductivity ratio, 
has been abandoned by some workers, and instead, much effort 
is being devoted to the exact determination of the thermo- 
dynamical properties of solutions. Lewis * introduced a term 
fugacity which is closely related to vapour pressure, and represents 
the tendency of a species to escape from solution. It is equal 

* See Lewis and Randall, Thermodynamics. 
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to the vapour pressure if the vapour obeys the perfect gas laws, 
and we may, in fact, look upon it as an ideal vapour pressure, 
defining the ideal, or perfect, solution as one in which the 
fugacity of each constituent is proportional to the molar fraction * 
of that constituent. Thus, we may write for any component of 
a perfect solution, 

/ = /oN. 

where /o, at a given temperature and pressure, is constant, N 
being the molar fraction of the component. It is advantageous 
to consider, at a given temperature, the ratio of the fugacity, /, 
of a substance in some given state to the fugacity,/,,, in some state 
which, for temporary convenience, is chosen as a standard state. 
This relative fugacity y denoted by a, is termed the activity, and it 
is evident that in the standard state the activity, Oq. is unity. For 
ideal solutions the activity is identical with the concentration, 
and is expressed as a molar fraction. 

Since the fugacity, /, is similar to vapour pressure, and is 
actually equal to it, in value, if the vapour is an ideal gas, we may 
also define the fugacity in terms of the free energy at constant 
pressure, F, in the following manner, 

F = / 2 riog/+B, 

where S is a function of the temperature only. Hence, for an 
isothermal change in concentration the change in free energy, or 
the work obtainable, is given by 

8F = /^^log^^ 

Jl 

or, since o — i t 

Jo 

8F = i?riog^. . . . (161) 

Now the energy change, SF, expressed in electrical terms, 
is vF'R, and thus the electromotive force of a cell without trans- 
ference may be written in the form 

_ R.T , Ua 

a,’ 

• The molar fraction is the ratio of the concentration of a component to the 
total concentration of all the solutes in a solution, the concentrations being ex- 
pressed in moles per litre of solution. 
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whereas, assuming that the ions obey the laws of an ideal solute, 



where Cj and are the two concentrations and and ag, the 
degrees of dissociations at these concentrations. Now equation 
(162) will only hold at extremely high dilutions, when the 
variations of the solvent properties, with change in the con- 
centration of the solute, tend to vanish. If the conditions are not 
so simple, corrections must be introduced into the above 
equation. Let us suppose that Wj and Wg are the energy 
corrections at concentrations Cj and Cj, respectively ; then we 
may express the value of the electromotive force of the cell in the 
form 




et>2 — 



where yC may be considered as a corrected concentration and is 
equal to the activity a, y being known as the activity coefficient. 
Thus we see that the measurement of the electromotive force of 
a cell gives the ratio of the ionic activities at two different con- 
centrations. For example, if we consider a cell of the type 

H2 1 M OH{a,) I M*Hg I M OH(C,) | H^, 

its electromotive force is given by equation (118), i,e., 

RT [M^].[ 0 H -]2 

where the suffbtes refer to the two concentrations. 

Assuming that the activities of the kations and anions in any 
solution are the same. 



From this result the ratio of two activities may be obtained, by 
extrapolation, for any two compositions that have not been 
directly investigated, and since at very great dilution, which Lewis 
estimates to be at o*ooi normal, y = i, we may write y^Cx = C^, 
Thus the value of yaCa, the activity, and therefore the value of 
the activity coefficient, yg, may be calculated. In this way we 
may determine the value of y at different concentrations. These 
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values, for different electrolytes at different concentrations, have 
been calculated by Lewis and are given in Table LXVL 

TABLE LXVI .• 

Activity Coefficients of Typical Electrolytes in Aqueous Solutions 

AT 25® C. 


Activity Coefficieot at Molality 


Electrolyte. 


HCl . 

LiCl . 

NaCl . 

KCI . 

KOH . 
KNO, 
AgNO, 
KIO3. NalO 
BaCU • 
CdCl, 

K2SO4 

H,S04 

La(NO,), 

MgS04 

CdSO, 

CUSO4 


0 'Ol^L 


•924 

*922 

'922 

'922 

•92 

•916 

■902 

•882 

'716 

•532 

•687 

•617 

•571 

•404 

•404 

•404 


C* 03 M. 

o'osM. 

0*1 M. 

o'aM. 

O'SM. 

■894 

•860 

'814 

•783 

' 762 

'892 

•843 

'804 

•774 

•754 

*892 

■842 

•798 

•752 

'689 

‘892 

'840 

•794 

•749 

•682 

•89 

•84 

1 80 

1 '75 

•73 

•878 

•806 

•732 

1 ^ 

— 

•857 

•783 

•723 

•655 

-526 

•840 

•765 

•692 



'655 

•568 

•50* 

— 


*44 

.30 

219 



•614 

•505 

421 



• 5*9 

•397 

•3*3 

•244 

•178 

•491 

• 39 * 

•326 

•271 


•321 

•225 

'166 

*119 


•324 

'220 

-160 



•320 

.216 

•158 

•I 10 

'O67 


iM. 


3M. 


823 

776 

650 

634 

75 


1-35 

1'20 

•704 


396 — 


150 -170 


Now the value of the degree of dissociation, a, may be 
calculated from the formula 

a - 
“ AoVo 

and, utilising this expression, we can compare the corresponding 
values of a and y at various concentrations, y being determined 
from electromotive force measurements and a from the con- 
ductivity experiments. The results are shown in Table LXVII. 

It will be observed that the activity coefficients decrease rapidly 
with concentration. In solutions of strong acids and bases the 
value of y passes through a minimum, and then increases at 
higher concentrations. The higher the type of salt, the more 
rapidly does the coefficient decrease with increasing concentration. 
Whilst, as a rule, salts of the same type exhibit the same activity 
coefficients, a number of exceptions, such as those of cadmium 

chloride and barium chloride, occur. 

Although the ionic concentrations in two solutions may be the 
same, the electric forces present in the liquids will be different 

• See Lewis and Randall, Thermodynamics, p. 362. 
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TABLE LXVII. 


Comparison of Activity Cofjticients with Degrees of Dissociation 

AT 25® C. 


Moles of Electrolyse per looo 
Grams of Water, 


0*001 

0*005 

0*01 

0*03 

0*05 

0*1 

0*2 

0*5 

1*0 


NaCL 

KCL 

Y- 

a. 


cu 

•977 

•977 

■977 

•979 

•946 

•953 

•946 

•956 

•922 

•936 

‘922 

•941 

•869 

•908 

'869 

•914 

•842 

-882 

‘841 

•889 

•798 

•852 

•796 

‘860 

•752 

*818 

•749 

•827 

•689 

•773 

•682 

•779 

'650 

•736 

*634 

•742 


if the ions are of different valencies. To eliminate this difference 
in the electric forces Lewis and Randall introduced a quantity 
called the ionic strength, /x, which is obtained by multiplying 
the concentration of each ion by the square of its valency, and 
dividing the sum of the products by two. They were then able 
to state the general principle that, in dilute solutions, the activity 
coefficient of a given strong electrolyte is the same in all 
solutions of the same ionic strength. 

Activity mass law , — ^The mass law may be developed from the 
conception of activity in the following manner. Let us consider 
a solution in which a reaction takes place, such that p moles of 
the substance P, q moles of Q, etc.^ give r moles of R, etc., i.e., 

pV + “h . . . == rR -}- jS . . . . 

The free energy change at constant pressure in the reaction, when 
the substances are in any given state, is equal to 

SF = (rFj^ 4 iFg + . . .) — (pFp + +•••)* 

and if SFq is the free energy change when the components of the 
reaction are in the standard state, 

SFq = “!“•••) 9^0, *4" • • •)• 

If a-py at^y etc., represent the activities of the components in the 
given state, then from equation (i6i), 

/)(Fp — Fp^) = RT log iipP, etc.y 


and thus, 


8F - 8Fo = RT log 


a^^a^ 
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For equilibrium, 8F 

and therefore, SFq 

For a constant temperature, 

SFo 

where K is the equilibrium constant under constant pressure 
conditions. 

If the solution is ideal. 



and supposing that ^ gives the degree of dissociation at each 

concentration, we have, in the case of a binary electrolyte, assum* 
ing that the activity of each component is equal to its concentration, 

CA^ 



Thus K is not a constant unless the various assumptions quoted 
above are correct. In general, however, we can assume that as 
infinite dilution is approached, K represents the true equilibrium 


constant. 

Activity from freezing-points .— have seen in section (65) 
that the van’t Hoff factor, i, may be used to interpret dilute 
electrolytic solutions by considering (f i) as a measure of the 
degree of dissociation of binary electrolytes, but it does not give 
the thermodynamical degree of dissociation. . , 

Lewis and Linhart * found that electrolytes of all the various 
types investigated approach, as a limiting law in dilute solutions, 
the relationship expressed by 



where n is the number of ions which each molecule produces 
when completely dissociated, ST. the observed lowering of the 
freezing-point temperature, produced by a salt at a concentration 
of C moles of solute per 1000 grams of water, t, the theoretical 
molecular depression, and and b, constants. By combining 
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this empirical expression with the thermodynamical equation 
connecting free energy of dilution with the lowering of the 
freezing-point, Lewis and Linhart obtained the equation, 


1 + 1 )^** 
logy = - — j—i—, . 


(163) 


and by employing this equation, they obtained a series of values 
of y for various electrolytes. 

If we compare these values with the values of which are 

ordinarily used as a measure of the degree of dissociation, there 
is a great divergence between them, this divergence increasing 
with salts of the higher types. In addition, since the heat of 
dilution is negligible, the values of y must be independent of the 

temperature. On the other hand, the values of ^ decrease 

markedly with temperature. 

Activity coefficients of individual iofts . — If we have a solution 
such as sodium chloride, we may denote the activities of the kation 
and anion by and <i_, respectively, while a represents the activity 
of the undissociated sodium chloride molecule. In this case the 
thermodynamic equation of equilibrium takes the form 


a+a- 

a 



At infinite dilution we consider the activity of each ion of sodium 
chloride to be equal to its concentration, so that if we choose 
some standard state, such that K~ i, we can define the activity 
of sodium chloride as the product of the activities of its two ions, 
viz.^ 

= a. 


At infinite dilution a^ — a- — a*, and if we denote the geometrical 
mean of the two ion activities by then, 

«+ = (a+a_)* = 
being called the mean activity. 

At infinite dilution the activity coefficient is the same for all 
ions, and equal to unity, and as the concentration increases, 
we should expect that the activity coefficients of two ions of similar 
type would remain approximately the same, up to moderately 
concentrated solutions. 

It is evident that if we ascertain, or arbitrarily assume, the 
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individual activity coefficient of some one ion at a given ionic 
strength, we can then proceed to determine the values for other 
ions, since in dilute solutions the activity coefficient of any ion 
depends solely upon the total ionic strength of the solution. 
Thus, with a given value of the ionic strength, if we knew the 
activity coefficient of the sodium ion, we could combine this with 
the known activity coefficient of sodium chloride to obtain the value 
for the chloride ion. Using, then, the known value for barium 
chloride we could obtain that for the barium ion. Macinnes * 
has suggested that at each concentration the two ions of potassium 
chloride should be considered to possess equal activity coefficients. 
If this is the case, then a table of individual activity coefficients 
for all ions may be obtained. He determined the activity of the 

hydrogen ion in the following way : 

Consider the two sets of cells, without and with transport, 

, f Ag 1 AgCl, KC1(C,) K,Ug I KCI(C 2 ), AgCI [ Ag 
^\Ag I AgCl, HC1(C,) H, I HC1(C,), AgCl | Ag 

fAg AgCl, KC1(C,) KCKQ). AgCl Ag 
^lAg AgCl, HC1(C0 HCI(C 2 ),AgCl Ag 

Then, 57^’ 


and 


Eb = 


n^RT 




1 . “1 “1 
log — z, 

^ <22 “2 


where hr is the transference number for the kation. 

For the potassium chloride solutions we assume that — Cj , 

and = a,-, and find the value of the ratio ^ for the chloride 

ion at the concentrations C. and C,. From \he electromotive 
force data for the hydrochloric acid cell, at the same concentra- 
tions, we can find, by subtracting the above value of ^ in the 

appropriate equation, the value of ^ for the hydrogen ion. 

At very great dilution we assume that the activity is equal to the 
degree of dissociation, i.e., a = y, and since a is the same for potas- 
sium chloride as for hydrochloric acid, it follows that the value 
attributed to y for potassium chloride, at great dilution, is the 
same as the value to be attributed to hydrochloric acid, likewise 
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at great dilution. With this as the starting-point, and knowing 


the value of for the hydrogen ion at other dilutions, from 


•f 


a 


electromotive force measurements, we can calculate the absolute 
values of the hydrogen ion activity in hydrochloric acid at any 
concentration. 
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CHAPTER XI. 


TECHNICAL APPLICATION OF ELECTROLYSIS. 

152. Electrolytic deposition. — The principles of electrolysis 
are applied in many technical processes, and although we are mainly 
concerned with the actual principles, some of the processes will be 
considered. One such application is electro-refining, in which 
soluble anodes of the metal to be refined are immersed m a bath 
containing a salt of the metal, the kathode usually consisting of 
thin sheets*of the pure metal. Theoretically, the pure metal is 
deposited upon the kathode, an equivalent amount being dissolved 
from the anode ; the impurities either remain undissolved in the 
solution, or, if dissolved, they are not deposited upon the kathode. 

In electro-plating a thin smooth coherent film of metal is de- 
posited upon an article, acting as the kathode in an electrolytic 
bath, the concentration of the solution being maintained constant 
by using, as anodes, metal similar to that which is to be deposited. 
The film must be capable of taking a high polish. 

Electrolysis will occur in a bath when the externally applied 
potential difference is equal to the sum of the various potential 
differences, which exist within the bath. These include the elec- 
trode potentials, overvoltages at the electrodes and the potential 
drop tLough the electrolytic solution. The decomposition vol- 
tage depends upon many factors, such as the state and nature 
of the electrodes, concentration of the electrolyte and temperature, 
and before deposition of ions upon a kathode can take place the 
potential difference, applied across the solution-electrode 
must be a little greater, in value, than the sum of the e^^trode 
potential, tt, and the overvoltage, ttov, at t^e electrode. Thus, 
represents this deposition potential difference, 


TT 


^ = TT -TTov, 


where 


„ = ^ log [C] 


(164) 


TTo being the normal electrode potential and [C] the ionic con- 
centration. 
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Let us consider the case of a copper electrode immersed in an 
acid solution containing a normal concentration of copper ions. 
Since the normal electrode potential of this metal is + 0*347 volt, 
the application of a potential difference of — 0-347 volt, measured 
from the liquid to the metal, will just balance the electrode potential 
in the absence of any type of overvoltage, and a slightly greater 
value will cause deposition. But, as shown above, the electrode 
potential depends upon the concentration of the copper ions within 
the solution, and as this concentration decreases, the potential 
difference, required to deposit a further amount of copper, increases, 
so that finally, if the process is allowed to continue and the copper 
ions within the solution are not replenished, the applied potential 
difference becomes great enough to deposit hydrogen ions. 

It is evident that those ions possessing the lowest value of the 
deposition potential will be deposited first from a solution con- 
taining a mixture of ions. For example, suppose that the solution 
consists of o-i normal lead nitrate and o-i normal nickel nitrate, 
and contains a lead kathode with a platinum anode. The normal 
electrode potential of Pb | Pb^^ is — 0-129 volt and that of nickel 

— 0-22 volt, at 18® C., both referred to the normal hydrogen 
scale, so that the electrode potentials in the solution are 

— 0-158 volt and — 0 249 volt, respectively, if we assume that the 
lead kathode behaves towards the nickel salt, as regards the elec- 
trode potential, in a manner similar to that of a nickel electrode. 
Thus, since the kathode | Pb'^'’" junction has a greater positive 
potential than the kathode 1 NT*" junction, lead alone will be de- 
posited from solution until tne concentration of the lead ions in the 
solution has fallen so low that the potential of the kathode | Pb^^ 
interface reaches the value — 0-249 volt, i.e., it must decrease by 
0-091 volt. But a ten-fold concentration change varies the elec- 
trode potential, at 18° C., by 0-029 volt, equation (m), so that 
the decrease, 0 091 volt, is produced by a concentration change 
of the lead ions from o-i to 0-0001 normal. At this stage both 
metals will be deposited simultaneously. It will be noted that 
overvoltage has not been taken into account. 

It is also possible to deposit both metals together by using such 
a large current that the actual layer of the solution in contact with 
the kathode is exhausted of lead ions, the nickel metal then being 
deposited by the current. Thus one can form alloys of different 
composition by varying the conditions as regards current, tempera- 
ture or ionic concentration. 

153 . Current efficiency. — Hydrogen plays an important part 
in electrolytic separation. In some cases hydrogen may be de- 
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posited instead of the metal ; for example, as shown in the previous 
section, if we have an acid solution of copper sulphate containing 
a normal concentration, both of the copper and the hydrogen 
ions, the potential of the copper kathode would be + 0'347 volt, 
and that of the hydrogen electrode zero. As the concentration of 
the hydrogen ions is raised and that of the copper ions decreased, 
the hydrogen potential of the kathode increases while the copper 
potential decreases, and if the changes in concentration are carried 
far enough, the copper potential falls below that of the hydrogen. 
In these circumstances hydrogen and not copper will be deposited. 
The current which passes under these conditions is used for the 
evolution of hydrogen, and not for the production of metallic 
copper, so that the process is inefficient. We may define the current 
efficiency, or rather the kathode efficiency, as the ratio of the weight 
of the metal actually deposited to that which would be deposited 
if none of the current were utilised in evolving hydrogen. 

When we pass on to consider the deposition of a metal which 
has a lower electrode potential than that of the hydrogen electrode, 
it is evident that hydrogen will be deposited instead of t^ metal, 
unless the kathodic overvoltage at the metal is bigh. 1 hus, in 
depositing nickel from a strongly acid nickel salt solution, since 
the kathodic overvoltage is, approximately, - 0-21 volt and the 
normal electrode potential of picket - 0-22 volt, the process is a 
very inefficient one, most of the current being used to produce 
hydrogen, and this inefficiency will become more pronounced as 
the solution is made more and more dilute. If the nickel salt 
solution is neutral, or nearly so, the hydrogen evolution is mini- 
mised because the equilibrium potential of the electrode | neutral 
solution, referred to the normal hydrogen scale, is - 0 406 volt, 
approximately, and owing to the kathodic overvoltage, hydrogen 
is not likely to be evolved until the applied potential difference, 
measured from the solution to the kathode, attains a value greater 
than + 0*62 volt, which is greater than that required to deposit 


There is, however, in this case a further difficulty The dis- 
charge of any hydrogen from a solution depletes the latter of the 
hydrogen ions and, consequently, there remains within the vicinity 
of the kathode an excess of hydroxyl ions, so that the hydroxide of 
the metal is liable to be deposited. This deposit prevents the 
attainment of the requisite potential for the metal 
in addition, the hydroxide deposit will be intermingled with the 
metal, producing a kind of spongy deposit. It is evident, therefore, 
that the hydrogen ion concentration in the solution must be main- 
tained as low as possible, without thereby allowing deposits which 
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are contaminated with these hydroxide, or basic, precipitates. The 
latter can be avoided by including in the electrolytic solution 
certain substances, called buffering agents^ which maintain the 
hydrogen ion concentration above that required for the hydroxide 
precipitation, however much hydrogen is discharged at the kathode. 
These buffering agents react with the hydroxyl ions, liberated within 
the neighbourhood of the kathode and in so doing leave the hydrogen 
ion concentration constant. Hence we see that the pW value of 
the solution is extremely important. This value is affected by 
temperature changes. Until recently, the effect of the temperature 
of the solution on the pW value was neglected. For instance, if 
a standard nickel solution has, what is considered good practice, 
a pW value of 5-8 at 70® F., this value becomes 6-2 at 40® F., and 
5-4 at 130° F. 

Since a dilute solution is favourable to the formation of the 
hydroxide, in order to deposit metals of lower electrode potential 
than that of the normal hydrogen electrode, it is necessary to employ 
concentrated metallic salt solutions in which the kathode potential, 
at which deposition occurs, is as slightly negative as possible. In 
addition, the hydrogen ion concentration must be kept as low as 
possible, consistent with no hydroxide precipitation, i.e.y the hydro- 
gen potential must be as negative as possible. Another interesting 
fact in connection with nickel deposition is that although its elec- 
trode potential for a normal salt solution is more positive than that of 
hydrogen at a/)H value of 5*8, yet the deposition of nickel is always 
accompanied by hydrogen evolution, even at small current densities. 
Smits * found that the electrode potential of nickel in a normal 
nickel sulphate solution was — *194 volt, when the metal had been 
freed from hydrogen, but that it decreased with time to — 0*35 volt. 
From this fact he suggests that the hydrogen evolution can be ex- 
plained by the formation of an alloy between the gas and the nickel. 

As the electrode potential of a metal decreases, deposition of the 
metal becomes increasingly more difficult, although zinc is an 
exception. With this metal the hydrogen overvoltage is so great 
that it effectively prevents the liberation of hydrogen from acid 
solutions of zinc salts, despite the fact that the electrode potential 
of this metal is — 0-76 volt. The high kathodic overvoltage value 
only applies to a smooth zinc surface, and if the surface becomes 
rough, or spongy, the overvoltage falls, and hydrogen is liberated. 
The gas is also evolved if the current density is very high. In this 
case the zinc ionic concentration, in the immediate neighbourhood 
of the kathode, is decreased, so that the zinc electrode potential is 
lowered. 


The Theory of Allotropy, 1922 . 
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Many metals cannot be deposited at all from aqueous solutions 
of their salts, but in these cases it is probably impossible to obtain 
a solution containing anything like a normal concentration of the 
metal ions, and therefore the electrode potential is greatly depressed 
below that of the normal hydrogen electrode. 

When we are dealing with complex salts in solution the metallic 
ion concentration is very .low, and even for low current densities 
the polarisation is considerable. This is due to the comparative 
paucity of the metallic ions in the bath solution, local exhaustion 
of ions readily occurring. Complete exhaustion at the kathode 
surface never occurs, since the metallic ions are replaced by 
dissociation of the complex anions. Complex salts in plating 
processes have been long employed in practice, as they give smooth 
deposits — so fine as to be apparently structureless. These fine 
deposits are obtained if the deposition is fairly rapid, although it 
must not be too rapid, otherw^ise a spongy mass is liable to be 
formed. A slow deposit gives, in general, a rough surface. Dean 
and Cheng * have offered another explanation of this action with 
complex salts. They suggest that in the electrolysis of the com- 
plex salt, KAg(CN) 2 , for example, the potassium ions, K+, are 
discharged and form an alloy with the kathode metal. The 
potassium then reacts with the complex salt thus : 

K + KAg(CN)2 = Ag + 2KCN, 

and thus the metallic silver is produced by a secondary reaction, 

154. Alloys. — If two metals are deposited practically reversibly, 
their simultaneous deposition is, in general, only possible when the 
values of their electrode potentials are nearly equal. Although 
the normal electrode potentials of two metals may differ widely, 
the considerable polarisation effects, that occur when metals are 
deposited from solutions in which they exist in the form of com- 
plex anions, may equalise the values of the deposition potential 
of the two metals. For example, Spitzer f has shown that these 
values for copper and zinc, at different current densities and in 
different solutions, are as follows : — 
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so that although it is hopeless to expect that zinc will be deposited 
from a ZnS04-CuS04 solution while any copper remains, a 
cyanide bath containing both metals may be used to effect simul- 
taneous deposition, provided that a suitable current density is 
employed, and thus a layer of brass is obtained upon the kathode. 

In other cases simultaneous deposition of metals of different 
electrode potential occurs if the baser metal alloys with the nobler 
metal, the deposition potential of the alloy being less negative than 
that of the more reactive constituent. Magnesium cannot be 
prepared from aqueous solutions, but iron-magnesium alloys have 
been obtained by electrolysing a solution containing magnesium 
chloride and iron sulphate. In a similar manneranickel-magnesium 
alloy can be formed from a bath containing normal NiS04 and 
normal MgS04. 

Two metals are not always deposited in the proportions 
expected. Thus, Schoch and Hirsch * have shown that a bath 
containing zinc and nickel sulphates, of equal concentrations, gives 
an alloy containing much more zinc than nickel, although from 
their electrode potentials one would expect the nickel to pre- 
dominate. 

The simultaneous deposition of copper and zinc* from their 
sulphate solutions only occurs if the current density is high, and 
if there is a much greater concentration of zinc ions than of copper 
ions in the solution. Under these conditions the solution near the 
kathode becomes deficient in copper ions, so that the potential 
rises until the zinc deposition potential is attained. 

155. The Electrolysis bath. — In practice the potential drop 
across the electrodes in an electrolysis bath seldom exceeds 6 volts, 
and, as a rule, a number of these baths are placed in series. The 
current may range from i,ooo to io,ooo amperes, and the arrange- 
ment of the electrodes in the bath varies considerably. In metal 
refining, a large number of anodes are arranged in parallel and a 
common bus bar used, the anodes alternating with a similar set 
of kathodes. In other arrangements the electrodes are fixed in 
the bath parallel to one another, in such a way that they act as 
bipolar electrodes, one side being the anode and the other the 
kathode, the two end electrodes being connected to the external 
source of electromotive force. These different arrangements are 
illustrated in Fig. 6o. 

The important features of the electrodes are (a) their chemical 
resistivity, and (^) their overvoltage for the gas, or gases, which 
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are liable to be liberated at their surfaces. The most important 
kathodic materials are iron, platinum, lead, mercury and graphite. 
Iron is generally used with alkaline solutions, graphite as the 
kathode in acid solution, and mercury as the kathode in a certain 
class of alkali-chlorine cell. In the latter case, the object is to 
produce a sodium, or potassium, amalgam without the simultaneous 
evolution of hydrogen, and the fact that hydrogen overvoltage at 
mercury is high makes this possible. 

The anode material is of great importance in view of its general 
liability to attack by anodic chlorine or oxygen. Graphite anodes 




Fig. 60. — Arrangement of electrodes in the electrolysis bath. 


have almost completely replaced hard carbon anodes in brine 
electrolysis. Both types are very resistive to chlorine, but the 
varying quantities of oxygen, which are invariably produced anodi- 
cally in brine cells, attack the hard carbon far more readily than 
graphite. For use with alkaline electrolytes evolving oxygen, iron, 
or nickel, can be employed. In acid solutions iron can sometimes 
be used, but platinum is, from a chemical point of view, more 

satisfactory. 

156 . Electro-plating. — From what has been said previously, 
a solution from which the metal is to be electro-deposited must 
contain a representative from one, or more, of the following classes 
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of substances : (a) a salt containing the metal to be deposited, 
(6) conducting salts, (c) addition agents. 

The salt of the metal, used as constituent of a plating solution, 
is usually either the sulphate, or the double cyanide. Sometimes, 
though less frequently, some other salt is used, such as zinc chloride 
in some zinc baths and lead acetate in lead baths. The sulphate 
is much to be preferred, for one knows with greater certainty what 
takes place at the electrodes during electrolysis of a bath containing 
it, and so there is greater control over the working conditions. 

The conducting salts are usually salts of ammonia, such as 
the sulphate or the chloride. At times, the sulphate, or the 
chloride, of a metal of the alkali, or of the alkaline earth group, is 
employed. Thus sodium sulphate in an iron bath, and sodium 
chloride in a nickel bath are used. The function of the conducting 
salt is to decrease the electrical resistance, so that the required 
electromotive force is less, and the kathode potential fall corre- 
spondingly lowered. Hydrogen is then less likely to be liberated 
The use of these conducting salts also possesses other advantages, 
as may be shown in the following manner. If a nickel bath is 
used and contains the sulphate only, no useful deposit is obtained, 
but if sulphate of ammonia, or nickel ammonium sulphate is added, 
then the nickel deposit is satisfactory. The added ammonium 
sulphate forms a complex salt with the nickel sulphate, and this 
complex salt ionises into NH ^4 and Ni(S 04 )“ 2 * The kation is 
discharged at the kathode and reacts with the double salt in the 
neighbourhood, replacing nickel and giving rise to ammonium 
sulphate. The hydrogen is thus formed as the result of a 
secondary reaction and not from the discharge of hydrogen ions 
upon the kathode. Hence, in addition to lowering the kathode 
fall, the conducting salt causes the nickel to be deposited as the 
result of a secondary and purely chemical reaction, instead of 
directly and immediately after discharge of the nickel ions. 

The addition agents, when present in solution, frequently 
enable a deposit to be obtained when otherwise a poor deposit, if 
any, would result. A case in point is lead. No solution is known 
from which this metal can be deposited in coherent and small 
grain form in the absence of some addition agent, such as peptone, 
or olive oil. In the case of zinc also, all the best baths used contain 
a small amount of some addition agent, such as gelatine or dextrin. 
An addition agent, which produces a good result in any particular 
case, may be found to have injurious effects upon the structure of 
the deposit of another metal. 

The conducting salt employed should contain, if possible, 
the same acid radical as does the salt of the metal to be deposited. 
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Ammonium sulphate and not the chloride is used generally, in 
nickel sulphate baths, and, as a result, the number of different 
types of anions discharged at the anode is lessened. Consequently 
what is happening at the anode is known fairly well, and a better 
control can be maintained over the general working of the bath. 

In all good solutions the anode and kathode efficiencies will 
be nearly 100 per cent. Usually, the anode efficiency is lower 
than that at the kathode, which means that metal is taken out of 
the solution faster than it is supplied to it. Thus the bath will 
gradually become poor in metal contents, and metal must be 
supplied from outside, i.e., by the addition of metal salts, but this 
practice is not to be encouraged. The electro-plating by some 
metals will now be considered. 

Tin.— The type of solution for tin-plating baths which has been 
most widely used is one proposed by Eisner * It is based upon the 
protochloride of tin dissolved in caustic soda or caustic potash. 
If a really thick deposit is required, a colloid must be added to 
the bath, and it is advisable to use a bath of the acid type — one, 
for instance, containing oxalates and oxalic acid, or phosphates 
and phosphoric acid. 

In the alkaline bath the following reaction occurs ; 

aNaOH + SnClj {NaO)2 Sn + 2HCI. 

The composition of the solution will soon become complicated by 
reason of the alteration of the substances present. No alkaline 
bath can be stable, or immune from chemical alterations, and the 
reactions that result in deposition are not known with any degree 
of accuracy. 

The current density should be as great as possible, and the 
E.M.F. should be 3-4 volts at a distance of 9-10 ins. between the 
electrodes. Anodes of good cast metal only should be used. 

The only acid bath that has been shown to be at all satisfactory 
is that devised by Mathers.f The composition is 5 per cent, of 
stannous oxalate, 6 per cent, of ammonium oxalate, 1^ per cent, of 
oxalic acid, and per cent, of peptone. The current density 
should be 4 amperes per square foot, and the temperature, 
ordinary. Any lack of metal in the bath is shown by the deposit 
becoming dark, and an addition of stannous oxalate must then be 
made. During electrolysis, a fine yellow precipitate forms in the 
bath and settles to the bottom as long as sufficient oxalic acid is 
present. This is probably a complex salt of tin, and so even when 

• See Langbein, Electro-deposition of Metals, 440 (1909). 
t Tram. Amer. Electroc. Soc., 29 , 411 (19*6). 
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the bath functions well, metal is precipitated from the solution as 
a constituent of a salt, and is therefore lost to that extent. The only 
way to replenish the metal is to add stannous oxalate. In spite 
of these additions, the bath finally becomes so deteriorated that 
bright solid deposits can no longer be obtained. 

Lead. — Three lead-plating baths are available ; they all con- 
tain an organic addition agent and free acid. Mathers’ * per- 
chlorate bath contains 4-5 per cent, of perchloric acid, 5*4 per cent, 
of lead perchlorate, and 0 05 per cent, of peptone. Later f he found 
that lead acetate could replace the perchlorate, and ammonium, or 
sodium perchlorate, and glue can be used in place of the acid and 
peptone. The anode and kathode efficiencies are nearly 100 
per cent., and there is only a slight loss of perchloric acid by 
reduction. The current density should be 18 to 20 amperes per 
square foot, the bath should be worked at 60° to 70° F., and the 
anodes should be of good sheet-lead. 

Betts and Kern J used a bath containing 13*5 per cent, of lead 
fiuosilicate, 6 5 per cent, of hydrofluosilicic acid, and about i gram 
of gelatine to 2,000 cubic centimetres of solution. The temperature 
was ordinary, and the current density, 10 to 20 amperes per square 

foot. . . 

Zinc.— Zinc sulphate is undoubtedly the best metal-contaming 

salt to use in this case, and among the many conducting salts which 
have been used are sodium sulphate, sodium chloride, magnesium 
sulphate, aluminium sulphate and zinc chloride. Boracic acid is 
a good addition agent, and aluminium sulphate cuts down the size 
of the grains of the deposit. Glue and sugar have also been used 
as addition agents. 

A good bath solution is one containing 3 lbs. of zinc sulphate 
per gallon of water, 2 ozs. of common salt, 3 ozs. of boracic acid, 
aluminium sulphate 3 to 4 ozs., and a little sugar, maltose or dex- 
trin. The quantity of sugar used is variable, but i to 3 ozs. will 
usually be sufficient. The principal reactions are, the liberation 
and solution of zinc, the prevention of the formation of the oxides 
and hydroxides by the boracic acid, and diminution of the size of 
the grains of the deposit by the aluminium sulphate. 

The current density is 10 amperes per square foot, the E.M.F. 
is usually 2 to 2*5 volts at a distance of 9 ins., and the temperature 
is ordinary. Agitation of the kathode is useful, but not absolutely 
necessary. The anodes should be of good rolled zinc, as pure as 
can be obtained commercially, and in size and number they 
should be as large, and as many, as the vat will accommodate. 

• Trans. Amer. Electroe. Soc., 17 , 261 (1910). 
t Ibid.. 24 , 315 (1913)- t Ibid.^ 6, 67 (1904). 
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Gold-plating.— This is carried out in a bath containing 6 to 8 
grams of gold per litre with an excess of potassium cyanide. Four 
volts is the normal E.M.F., the anodes being of gold in the form of 
very thin sheets. They exhibit passivity to a marked degree, and 
dissolve ver>' slowly under normal current conditions. 

Silver-plating. — A cyanide bath is always used, and contains 
about 22 to 25 grams of silver per litre. The current density 
should be about 3 amperes per square foot with an E.M.F. of 0 5 
to i-o volt. The kathode efficiency is about 99 per cent., and the 
silver anodes dissolve readily. Little hydrogen is formed even at 
high current densities, and an excess of potassium cyanide increases 
the efficiency. As a rule, the electrolyte is prepared from silver 
chloride and potassium cyanide, the proportions of these ^^n- 
stituents being such that the solution contains AgCN + 3KCN. 

Chromium-plating.— Glaser * used a divided cell arrangement 
—an inner cell containing the chromium salt solution— and itself 
contained in an outer vessel, which held a mineral acid, or a solution 
of some salt, in which the anode was suspended. Using chromium 
chloride solution, containing 10 grams of metal per litre, the pi^e 
metal was obtained at 90 amperes per square foot, with an eth- 
ciencv of 38 4 per cent. With chromium sulphate the best con- 
ditions were, at ordinary temperatures, 65 to 85 grams of metal 
per litre of solution, at a current density of 117 to 180 amperes 
per square foot. The efficiency was 84 6 per cent. 

Sargent t worked with the usual single cell arrangement and 
used copper kathodes. Very good chromium deposits were ob- 
tained with chromic acid solutions, containing small ainounts ot 
chromium sulphate. A good deposit can be produced from a 
plating solution, containing 24 5 per cent, of CrOj and 0*3 per cent, 
of Cr-ISOJ;, at a temperature of 20° C., the current density being 
I o amperes per square decimetre . A yield of o- 1 o grams of chromium 
ner ampere-hour mav be obtained, under these conditions, with a 
voltage of a little over 3 volts and an electrode distance of about one 

ii\ch 

Liebreich t states that any impurity, even sulphuric acid, 
increases the tendency of chromium to form complex ions, hor 
some unknown reason the chromium deposits adhere better when 
chromium sulphates, or sulphuric acid, is added to the chromic 
acid; sodium sulphate is still more advantageous. He § has 
Dointed out that trivalent chromium ions are deposited troni 
electrolytes which contain 16-5 per cent, by weight, and more, of 


t 

t 


ts. Elekiroc., 7 , 656 (iQoO- 

ins. Amer. Electroc. Soc.,Z 7 , 479 (*92o). 

ts. EUktroc., 33 , 69 (1927)- § » 4 ^ (1928). 
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H2SO4. At lower concentrations of the sulphuric acid divalent 
chromium ions are deposited. Chromium plating has become 
very important recently, and Siemens * has summarised the present 
state of its production on a technical scale. 

Iron deposition. — A number of solutions have been proposed 
for iron deposition, but few are of use. With few exceptions iron 
baths may be divided into two classes, chloride baths and sulphate 
baths. The chloride bath is composed of ferrous chloride 450 
grams, anhydrous calcium chloride 500 grams, and water 750 cubic 
centimetres. The anodes dissolve well, and, working at current 
densities of about 1 20 amperes per square foot, the kathode efficiency 
is 95 per cent. For the sulphate bath Schlotterf suggests acid 
ferrous sulphate 150 grams, sodium sulphate 100 grams, and 
water one litre. No light is thrown upon what is meant by acid 
ferrous sulphate, but ordinary green vitriol may be used. 
He found that the bath must be maintained slightly acid. Herein 
lies one of the difficulties of working sulphate baths. They must 
be kept slightly acid if the best results are to be obtained, but 
any considerable acidity causes liberation of hydrogen, and thus 
leads to lower kathode efficiency. It is generally agreed that a 
sulphate bath must be worked at a raised temperature, and if a 
high current density is used, the temperature should be at least as 
high as 60° to 70° C. 

Copper and brass-plating. — One copper bath contains about 
25 grams of copper per litre, as KCuCNg, with 20 per cent excess of 
potassium cyanide, and the anodes are of pure sheet copper. The 
normal bath voltage is 3 to 4 volts and the current density 0*3 
ampere per square decimetre. There is considerable hydrogen 
evolution at the kathode surface during the plating. NagSOg may 
be added to secure complete reduction of copper to the cuprous 
state and to avoid the production of poisonous cyanogen gas, 
which otherwise occurs. An addition of Na2C03 ensures low 
hydrogen ion concentration. 

The case of brass-plating is interesting from an electro-chemical 
point of view. As pointed out previously, a solution of zinc and 
copper complex cyanides contains complex anions, and in this case 
the electrode potentials of copper and zinc can be equalised, or, 
with a large excess of potassium cyanide, the zinc can actually be 
made more noble than the copper. With the depolarising alloy 
effect also coming in, it becomes possible to deposit alloys corre- 
sponding in composition and properties to commercial brasses. 
A suitable electrolyte bath for this purpose contains about 12 


• Zeits. Elektroc.f 34 , 264 (1928). 


f German Patent, 309,271 (1917). 
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grams per litre each of copper and zinc present in KCu(CN)2 and 
K2Zn(CN)4, with about 10 per cent, of KCN in excess. Anodes 
of rolled brass are used, and the bath is usually worked cold, taking 
4 to 6 volts. The current density is variable, perhaps 0-35 ampere 
per square decimetre at the kathode, and still lower at the anode. 
There is marked evolution of hydrogen at the kathode. 


157. Electrolytic extraction and refining of metals. — 

We shall now discuss briefly the refining of some metals by electro- 


chemical processes. 

Copper refining.— In the Marchese process * the anodes are 
cast from a mixture of copper, iron, lead and sulphur, in varying 
proportions. The electrolyte contains copper and iron sulphates, 
together with sulphuric acid. When a current is passed, the 
metallic constituents of the anode pass into solution and, at the 
kathode, copper is deposited, iron remaining m solution. This 
method is not very successful. A better one is that in which a 
copper sulphate solution is electrolysed, using insoluble anodes, 


lead or magnetite. 

In the Laszczynski f process the filtered electrolyte contains 
about -? per cent, of copper sulphate together with i per cent, of 
free acid, and much iron. The kathodes are of thin copper sheets, 
the anodes of lead. Using a current density of 0 5 to 10 ampere 
per square decimetre and 2 2 to 2 5 volts, copper can be reduced to 

I per cent, with a 90 to 95 per cent, efficiency. , . .u 

Silver refining.— The crude material is cast and used as the 
anode, the bath containing mixtures of various nitrates with some 
free nitric acid. The various metals in the anode dissolve, and, at 
the kathode, the only metal likely to deposit, if appreciable quantities 
of silver are present, is copper, but this will only be deposited at 
high current density, high copper concentration and poor cir- 
culation of the electrolyte. , . ■ 

In the Moebius process J the anodes are enclosed m a canvas 

diaphragm, and are arranged alternately with rows of kathodes, 
composed of fine silver foil. The concentration of the electrolyte 
is maintained at 15 to 20 grams of silver per litre, and 30 to 40 
grams of copper per litre. With a current density of 4 4 amperes 
per square decimetre the electromotive force is 15 volts, ap- 

'’'^TiTthe Balbach-Thum § process the cell is a shaUovv glazed 
porcelain trough, lined with graphite which acts as the kathode. 


• Zeils. Elektroc.. 1 . 5 ° (1894)- t EUclrochem. Ind., 5 , 421 (1907)- 
1 Trans. Amer. Electroc. Soc., 8, 125 (X 9 ^ 5 )* 

\ Electrochem. Ind., 6, 277 (i9o8). 
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the anodes being arranged in shelves some distance above the ka- 
thode. Dietzel* used a cell in which the anolyte and katholyte f 
were separated by a horizontally arranged canvas diaphragm. The 
anolyte w'as drawn off from the bottom of the cell, passed over 
scrap copper, where the silver was deposited, and entered the cell 
by the kathode department. In the latter was the slowly rotating 
cylindrical kathode. 

Gold refining. — The electrolyte is generally an AuClg acid 
solution containing HAUCI4 and HCl. At room temperature, 
and small anodic polarisation, the gold from the anode goes into 
solution. At high current density the metal becomes passive and 
chlorine is evolved, but the more acid there is present, the less 
easily does the passive state occur. When the metal dissolves, 
both auric and aurous chlorides are formed, although with higher 
current densities little aurous chloride is produced. If the kath- 
odic polarisation is small, a reduction of the auric to the aurous 
salt occurs, with little gold deposition, but at higher polarisation, 
precipitation of the metal from the auric ions takes place. In 
practice, the gold anodes are suspended in an electrolyte con- 
taining 80 to 85 grams of gold per litre, and 30 per cent, of free 
HCl, with a trace of gelatine. The electrolysis is carried out at 
70^^ F. with a current density of 15 to 17 amperes per square 
decimetre, and o*6 to o*8 volt. The silver is precipitated as the 
insoluble chloride, the lead by adding H2SO4, while other impurities 
accumulate in the solution. As the gold content falls, AuClj 
solution must be added to the electrolyte. 

Nickel. — Since this metal is more electro-positive than hydro- 
gen, and the kathodic overvoltage not very high, the metal cannot 
be deposited in large amounts from solutions containing much free 
acid, but during deposition the polarisation increases and a higher 
current density can be used. This is particularly the case with 
NiCla solutions, and with acid solutions. A low concentration also 
increases the polarisation, but the lower limit is set by the necessity 
of preventing the appearance of basic salts. 

In the Hopfner process | the roasted ore is extracted by means 
of the spent anode liquors from the baths, and furnishes an 
electrolytic solution containing NiClg and CugCla. This is placed 
in a diaphragm cell with copper kathodes and carbon anodes. At 
the anodes the CuaClg is oxidised to CuClj, and copper is deposited 
in the kathode department. The resulting liquor is then electro- 

• Zeits. Elektroc., 5 , 8i (1899). 

t The anolyte is the solution surrounding the anode, and the katholyte that 
at the kathode. 

X Chem. Zeits., 18 , 1906 (1894). 
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lysed between sheet nickel kathodes and graphite anodes, giving 
nickel. 

Zinc extraction. — Owing to the high kathodic overvoltage, 
zinc is deposited, even though it is more electro-positive than 
hydrogen, but if the electrolyte contains traces of copper, silver, 
or nickel, these metals will be deposited first, and afterwards there 
will be hydrogen evolution. An increase of current density, and a 
fall of temperature, both raise the overvoltage, so these conditions 
favour zinc deposition. A good bath contains 60 grams of zinc 
per litre, an acid concentration of o-oi to 01 normal, and no 
impurities less electro-positive than zinc. The temperature should 
be low, and the current density, i to 2-5 amperes per square 
decimetre. The presence of the acid increases the conductivity 
of the electrolyte, and even with 150 to 200 grams of H2SO4 
per litre, a high efficiency is obtained if the current density is 

*^In the zinc chloride process the calcined ore is treated wUh 
CaCU solution, and the liquor is slightly acidulated with HCI. 
The electrolyte is contained betw^een graphite anodes and large 
revolving disc-shaped iron kathodes, the current density being 

1 amperes per square decimetre at 5 volts. 

'Tin, The scrap metal is made the anode in a caustic soda 

solution, and the dissolved metal deposited upon iron kathodes. 
The electrolyte is maintained at a concentration of 8 per cent. 
NaOH at 70® F., with a current density of 80 to 100 amperes per 
square metre, the voltage being 1-5 to 2 0 volts Any iron present 
in the anode becomes passive, and does not dissolve, but the tin 
dissolves as stannous ions which are rapidly oxidised to tetravalent 
ions. In the electrolyte the latter form sodium stannate. 


158 , Fused electrolytes. — Molten salts are good conductors 
of electricity, and practically all types of inorganic compounds in the 
state of fusion have been subjected to electrolysis. Fused electro- 
lytes and aqueous solutions seem to obey the same general laws or 
electrolytic conduction. Ohm’s law and Faraday’s law have been 
verified for molten electrolytes, when distorting influences are 

^^*^Lorenz * summarised the following conditions as regulating the 


current yields at the kathode .... . . 1 

(rt) An increase in the temperature of fusion lowers the metal 

yield, and at the boiling-point none is deposited. 

(i) The yield increases with the distance between the elec- 


trodes. 


• Zeits. anorg. Chem., 23 , 97 (1900). 
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(c) The deeper an electrode is immersed in the fused electro- 
lyte, the lower the yield seems to be. 

(d) The factors which tend to lower the yield are : — 

(1) Mechanical losses. 

(2) Vaporisation of the metal by the use of too high a 

temperature. 

(3) The formation of lower compounds at the kathode. 

(4) The formation of higher compounds at the anode. 

(5) General secondary reactions. 

(6) The production of metallic clouds and fogs. 

(7) Thermal convection currents which mix the primary 

products of the electrolysis. 

A few particular cases will now be considered. Aten, den 
Hertog and Westenberg * experimented with silver and copper 
in the form of halides. The salts were placed in a porcelain 
crucible, the kathode and anode consisting of the metal to be 
deposited. To measure the polarisation, they used a tube of pyrex 
glass, drawn down to a fine point and placed in the fused salt, 
close to the kathode ; a wire of the metal being deposited was 
fixed in this tube. The voltage between the polarised kathode 
and this auxiliary electrode was then measured with a simple 
potentiometer. In all electrolytes the polarisation was small, but 
distinctly different with different anions, being greater for solutions 
of silver salts in fused alkali salts than for the pure fused salts. In 
this case we are dealing with a concentration polarisation, compar- 
able with that in aqueous solutions, though much smaller because 
of the higher temperature. 

Frary f refined aluminium by using a fused salt electrolyte, a 
process of importance since metallic aluminium cannot be deposited 
by the electrolysis of any aqueous solution. His type of cell was 
divided horizontally into two electrically insulated sections, the 
lower half containing a carbon bottom lining in which rested the 
molten alloy anode, A (Fig. 6i). Upon this was the superposed 
molten bath layer, B, and upon the latter floated the molten 
aluminium kathode, C. The bath was composed of a mixture of 
cryolite, aluminium fluoride and barium fluoride, nearly saturated 
with alumina. The cell was easily started by pouring into it a 
layer of molten bath, several inches thick, and lowering the graphite 
electrodes so that they dip into the bath. A layer of molten alloy 
was then slowly poured in, followed by a layer of molten aluminium. 
To keep the cell operating, the aluminium produced at the kathode 


Trans. Amer. Electroc. Soc.^ 47 , 265 (1925). 


t Ibid.. 275 (1925)- 
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must be tapped off, and a corresponding amount of impure alu- 
minium, or aluminium-copper alloy, added to the anode. The 
cell operated with good current efficiency at 5 to 7 volts, and the 

metal obtained was about 99*9° P®*" 1 • r 

Another important technical application of the electrolysis of 

fused electrolytes is the production of metallic magnesium.* In 

the chloride process IVIgCU, hH^O is used as the raw material, and 

to prevent the salt from decomposing into magnesium oxide, it is 

mixed with an approximately equal part of NaCl. A cast-iron pot 

constitutes the electrolytic chamber, and se^es as the kathode. A 

graphite anode is suspended in the fused salt, and is provided with 

a means of varying its depth in the electrolyte. The temperature 

range is 675° to 725° C., and although no separating diaphragm is 




nin H H Hii 

iijiipjmjf Ji ~ 







Fig. 61. — ^The aluminium fused electrolyte cell. 

used recombination between the magnesium and the chlorine is 
not excessive. Each pot takes 6 to 9 volts with a current density 
of 250 amperes per square decimetre of anode surface. 

Magnesium can also be produced by the oxide process. The 
location of the anode is in the centre (Fig. 62), the cell consisting 
of a steel box with carbon anodes attached to copper bus bars 
The kathodes are of cast iron, and project upwards through slots 
in the furnace shell. Magnesium does not alloy with iron, or steel 
which makes that metal particularly suitable for the purpose. The 
electrolyte consists of magnesium and barium fluorides m equal 
parts with sufficient sodium fluoride added to obtain the required 
Lidi’ty at the operating temperature of 950 C. The oxide is 

• See Harvey, Trans. Amer. Electroc. Soc., 47 , 327 (1925)- 



ELECTROLYTIC CONDUCTION 


added to the bath around the anodes at frequent intervals, and as 
its solubility in the flourides is less than o*i per cent., we have, 
primarily, an electrolysis of one of the flourides with but little 
direct decomposition of the oxide. 

As long as there is sufficient concentration of the magnesium 
salts around the negative electrodes, magnesium is reduced in the 
pure condition. Metallic fogs are encountered in this region, as 
might be expected from the high vapour pressure of the magnesium. 
The metal rises from the kathode, and collects just under the 
foreign crust of electrolyte. A kind of natural collecting chamber 
is thus formed. The product contains about 99 per cent, of metallic 



Fig. 62 . — The magnesium oxide process cell. 

magnesium, and furnaces of this type have been operated with 
9,000 to 16,000 amperes at 9 to 16 volts. 

Oxygen is formed at the anode as a result of the chemical 
action between the magnesium oxide and the nascent fluorine. If 
magnesium oxide is not added, or is not present in the fluoride bath, 
an electrolysis of the fluorides results, giving fluorine as the anode 
gas. The addition of magnesium oxide, although it is soluble only 
to 0*1 per cent., does act definitely as a depolariser, uniting with the 
fluorine at the anode, and lowering the voltage by continuously 
removing the anode gas film. 

Metallic sodium is prepared from fused caustic soda, the most 
important methods being the Castner process and the contact 
electrode process. In the former the molten salt is contained 
in a cast-iron pot, A (Fig. 63), which is provided underneath with 
an extension, B, through which passes the kathode K, sealed into 
B by means of salt, which has solidified. The ring-shaped 
nickel anode, D, is hung from a flange on the top of the pot, and 
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between the electrodes is suspended a short cylindrical vessel, E, 
which, dipping beneath the liquid surface, forms a kathode chamber. 
It is continued below by means of an extension of fine wire gauze, 
which prevents globules of sodium from reaching the anode, since 
they are unable to pass through the meshes. The metal, liberated 
at the kathode, is ladled out by means of perforated spoons which 
retain the sodium and allow the molten salt to flow away. 

Le Blanc and Brode * found that if commercial caustic soda is 
electrolysed, hydrogen and oxygen are produced at first, but as 
the electrolysis is continued, the hydrogen is evolved with greater 



difficulty, until, at a certain decomposition voltap, sodium is 
liberated. Previous dehydrating eliminates this hydrogen gas 

I t * 

^'"^The electrolysis is most conveniently carried out at a temperature 
of to C., but if higher temperatures are used, hydrogen 
and oxveen are both liberated at the anode, and explosions may 
result. The process is never more than 50 per cent, efficient. 

Many attempts have also been made to obtain sodium by dectro- 
lysing sodium chloride, but since the pure salt melts at 803 C., and 
pure sodium boils at 877° C., the vapour pressure of the metal is 


• Zeits. Elektroc., 8 , 7*7 ( 1902 ). 
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already high at 803° C. Ashcroft * used a double cell. In the 
first compartment chlorine is liberated on graphite anodes and 
sodium discharged into a molten lead kathode. The alloy is then 
impelled into the second compartment, containing fused caustic 
soda, where it forms the anode, and the sodium, passing to an 
iron kathode, overflows by a side pipe into a receiver. 

Calcium may be obtained by the electrolysis of the fused 

chloride which melts at 
780° C., although with 
impurities present its 
melting-point is less — 
probably about 750® C. 
The process now em- 
ployed is illustrated in 
Fig. 64. The iron ka- 
thode, A, is fixed to the 
bottom of the tank, 
whilst the calcium, ris- 
ing to the water-cooled 
region of the electrolyte, 
forms, in the manner 
indicated, . a solid rod 
of the precipitated 
metal, B, which is con- 
tinually removed by 
means of the gearing. 
The graphite anode, C, 
constitutes the side lin- 
ing of the cell. 

In a later cell of the 
Westinghouse Electric 
Company f the kathode 
Fig. 64.— a calcium cell. supported centrally, 

so that it dips into the 
fused chloride, and is moved continuously upwards, carrying with 
it the adherent stick of metallic calcium, formed by a circular 
water-cooling arrangement round the kathode. 

159 . The anode effect. — A curious phenomenon often occurs 
during electrolysis of fused salts and is known as the anode effect.X 
During the course of electrolysis the voltage suddenly increases, 
the current decreases, a soft rustling hissing sound is heard, the 

• Trans. Amer. Electroc. Soc., 9 , 123 (1906). 
i* United States Patent, No. 1.396,919 (1920). 

X See Taylor, Trans. Amer. Electroc. Soc.y 47 , 301 (1925). 
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anode appears to be covered with little luminous spark discharges, 
and the molten electrolyte, which up to this time had been m 
intimate contact with the anode, shrinks away from it and does 
not appear to meet it. The smooth, even, normal evolution 
of gas from around the anode has ceased. This is the anode 
effect, the electrode appearing to be entirely surrounded by a film 
of gas, and as the electrolyte is pushed away from the anode, 
small arcs form across the interface. Once this gas film has 
been established it tends to perpetuate itself, since the arcing 
generates an excessive amount of localised heat which causes the 
las to expand. After the gas film has been established, there is a 
considerably higher voltage drop from the anode to the bath . 1 he 

factors which interrupt regular, normal gas evolution at the anode, 
bv causing the formation of this high resistance gas film, may be 
many in number. Any condition which tends to produce a local 
overheating on the surface of the anode may start a tram of events 
which results in the anode effect. For example a high resistance 
film of solid material mav form on the anode surface, and this film 
may consist of impurities, left on the anode surface by the continued 
consumption of carbonaceous matter. It may consist of some 
relatively insoluble constituent of the electrolyte, which has migrated 
to the anode and adhered to it, or it may consist of solid electrolyte 
which has become attached to the anode, through the local cooling 
of the bath. As this high resistance film forms, the current density 
increases in other areas, and local overheating may start the forma- 
tion of the anode effect at one or two points. „ ^ 

In general, the cause of the phenomenon may be attributed to 
any combination of conditions which permits of local overheating 
at any portion of the anode surface. This establishes the gas fi'm 
at that^point, and by thus diverting current to other parts of the 
fnode area, which are already in a metastable state, overloads 
them and results in the practically m^antaneous spread of the 
effect over the whole anode surface. The anode effect will dis- 
appear, of course, when the anode surface is cooled, or the current 
deLity reduced to such an extent that the gas film collapses, and 

normal evolution of gas is then resumed. ^ u c ■ 

Turt Arndt* investigated the difference in the behaviour 

of graphite and carbon electrodes m fused electrolytes. He found 

that when using the former, the critical current density for the 

anode effect was reached at i-o to 1-5 amps, per sq. cim, while 

w"ScaAon it was 5 amps, per sq. cm. This f^t should be taken 

into account when operating with fused electrolytes. 


• Zeits .Elektroc., 22 , 63 ( 1916 ). 
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160 . The electrolysis of brine. — When a brine solution is 
electrolysed between electrodes of an indifferent metal, such as 
platinum or carbon, hydrogen ions are discharged at the kathode and 
chlorine ions at the anode. Now the normal sodium electrode 
potential has a high negative value — 2-71 volts, so it is obvious 
that the hydrogen ions will be preferentially discharged, even from 
very strongly alkaline solutions. At the anode, since the normal 
electrode potential of the oxygen electrode, O2IOH”, is 0*41 
volt, oxvgen discharge from a neutral solution will commence at 
approximately + 0*82 volt, if we take the concentration of hydroxyl 
ions in a neutral solution to be about io“’. Allowing for anodic 
overvoltage, oxygen will not be liberated below an anodic potential 
of about -|- 1*8 volt, whereas the deposition potential of chlorine 
is, approximately, + i'37 volt for a normal NaCl solution. There- 
fore, we obtain as the primary products of this electrolysis caustic 
soda, together with hydrogen and chlorine as by-products. An 
apparatus which allows these substances to be collected separately 
is known as an alkali-chlorine cell. If the products are brought 
together, they will react, and according to the conditions prevailing, 
a hypochlorite or a chlorate solution is produced. 

Chlorine, passed into water, reacts according to the equation, 


CI2 + OH- -> Cl- + HCIO. . . (165) 


The HCIO produced is practically unionised although, owing to 
the presence of hydrogen ions produced in equivalent quantity to 
the chlorine ions, the solution is acid. If caustic soda be used 
instead of water, such that two equivalents of the caustic alkali 
are present to a molecule of chlorine, we have the reactions. 


CI2 + NaOH -> NaCl + HCIO \ 
HCIO + NaOH ^ NaClO + H20j 


(166) 


and although the hypochlorite solutions in this form are fairly 
stable, they slowly decompose according to the equations, 

2NaC10 2NaCl + O2 

2HCIO + CIO- CIO3- + 2CI- + zH^. . (167) 


Solutions which contain C 10 “ ions alone are stable, as also are 
solutions containing free HCIO only, but when mixed they react 
according to equation (167). Then the hydrogen ions produced 
will at once regenerate HCIO from the CIO” ions, so that the con- 
centration of the HCIO will remain practically constant throughout, 
whilst that of the CIO” ions decreases. Thus, we may say that the 
net result of the reaction is 


3CIO- ^ CIO3- -h 2CI-. 


. (168) 
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The presence of a small additional amount of HCIO means a large 
relative increase in the HCIO concentration and greatly accelerates 
the reaction given by equation (167). This may be effected by 
adding a little HCl, or slightly excess of chlorine, the HCIO coming 
respectively from the CIO" ions, or from the OH" ions of the 
water. Such a solution will give the chlorate far more quickly 
than a solution prepared according to equation (166). 

Hypochlorites. — In the preparation of hypochlorites brine is 
electrolysed without any diaphragm between inactive electrodes, 
the primary products of electrolysis reacting so that the result of 
passing 2 faradays of electricity through the cell is the reaction 
represented by 

NaCI + H2O -> NaClO + H^. - - (169) 

At the kathode the CIO" ions are readily reduced by the nascent 
hydrogen thus, 

2CIO" + 2H2 2CI- -h 2H2O, . . (170) 

and as the concentration of the NaClO rises, so does the rate of 
reduction, until in the end, the yield will fall to zero. This state 
of affairs may be avoided by adding, say, Na2Cr04 to the electrolyte. 
Apparently it forms a thin chromium-chromate diaphragm 
around the kathode, preventing the CIO" ions from diffusing to 
the kathode surface. 

The discharge of CIO" ions at the anode will commence when 
their concentration reaches a certain value, and the reaction then 
occurring may be represented by the equation, 

6 C 10 - + 3H2O ^ 6H+ + 2CIO3- + 4CI- H- 14O2 + be, (171) 

the H"* ions combining with the OH" ions, produced in equivalent 
amount at the kathode. As the anion discharge cannot be elimi- 
nated, a limit will be reached when the rate of disappearance of the 
hypochlorites, as given by equation (171), is equal to the rate of 
formation, as shown by equation (166). From equation (166) we 
see that the passage of 12 faradays of electricity produces 
6 C 10 " gram ions, whereas the passage of 6 faradays discharges 
6 C 10 " gram ions, producing 6 gram atoms of oxygen, associated 
in the chlorate and 3 gram atoms of gaseous oxygen, as shown in 
equation (171). Thus, at the steady state, there is a system of 
constant hypochlorite concentration, sodium chlorate being formed 
in increasing amounts at 66*6 per cent, current efficiency, the 
remaining 33*3 per cent, of the current producing gaseous oxygen. 

Platinised-platinum anodes lower the deposition potential of 
chlorine ions and therefore suppress the discharge of hypochlorite 

26 
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ions. A high NaCl concentration also means a smaller anodic 
polarisation, and thus a higher hypochlorite concentration before 
CIO- discharge occurs. In general, we may say that the chief 
conditions to be observed in order to obtain a high yield of hypo- 
chlorite are : (fl) a concentrated brine solution, {b) a low tempera- 
ture and a high anode current density, (c) the presence of chromate 
in the bath, and (d) the use of platinised-platinum anodes. 

161 . Technical cells. — Bipolar electrodes are generally used 
in the cells because the number of exposed metallic connections 

is thereby reduced. Two forms of 
cells are typical of most, namely, the 
Kellner cell and the Haas-Oettel 
cell. The former consists of a long 
cement trough open at the top and 
divided into a number of compart- 
ments by vertical glass partitions, 

these compartments communicating 

by channels, alternately, on each 
side. The bipolar electrodes are 
of platinum-iridium network. The 
cooled electrolyte circulates through 
the cell by gravity and there are 
thirty-six compartments in a 220 
volt-60 ampere unit. 

In the Haas-Oettel cell the elec- 
trodes are of carbon and the cell 
itself consists of an earthenware 
trough, open at the top, and divided 
into compartments by vertical plates 
of hard carbon, the current being 
led in and out by the end pla^s. 
Openings between the electrodes 
in the base of the trough allow cold 
brine to enter the cell, and when 
the current is started the rise m 
temperature and gas evolution cause 
the liquor to rise. The bleach liquor thus rises to the top and 
flows off, cooler brine entering beneath. In this manner the 
circulation is effected, and regulated, by electrolysis. 

These cells have now been followed by improved types, such as 
the “ platinode ” electrolyser,* shown in Fig. 65. The platinum 
foil electrode, A, is backed with a vulcanite block, B, and inserted m 

* See Hale, your. Soc. Chem. Indus. ^ 43 , i2<)i (’1924) 



Fio. 65. — The platinode 
electrolyser. 
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a dished recess in an ebonite plate, C. The foil is connected with 
a terminal, F, by means of a platinum wire, E, in the channel D. 
The electrode carrier shown is normally immersed in the electrolyte 
to the depth indicated by the horizontal line, and access of the elec- 
trolyte to the channel, D, is prevented by a filling, squeezed into 
position by the plug, H. Electrolyte circulates by the opening, J, 
at the bottom of the cell, through the channel K, and overflows 
through openings in the side on the level of the electrolyte. 

Chlorate cells.— Chlorates may be formed in the two ways 
indicated in equations (167) and (171) and the two technical pro- 
cesses, based on these reactions, are termed the acid and the alkali 
process, respectively. 

If the original solution is slightly acid, the formation of the 
chlorate is accelerated, and a rise of temperature to 70° C. also 
produces the same result. An addition of alkali chromate is 
beneficial, as it prevents kathodic reduction. With platinised- 
platinum electrodes a current efficiency of nearly 100 per cent, is 

obtained, as no oxygen is evolved at any stage. 

In the alkali process the solution contains free alkali, and the 
CIO- ion concentration, particularly at the anode, is increased. 
Thus its discharge begins at a lower hypochlorite concentration in 
the bulk of the solution than is the case when neutral brine is used. 
The current efficiency for the chlorate formation is never above 
66 per cent. The conditions for successful operation of the alkali 
process are low temperature, polished platinum electrodes, fairly 
high current density, about 10 to 1-5 per cent, of NaOH in the 
brine, and some chromate to prevent kathodic hypochlorite 

reduction. , . . 1 

The acid process is carried out, as a rule, in long rectangular 

iron, or cement, cells, arranged in terraces, so that circulation is 
produced by gravity. A row of anodes is contained between two 
rows of kathodes, and a bath takes 1,000 to 1,500 amperes. The 
anodes are of smooth platinum-iridium alloy foil, and the kathodes 
of graphite, or iron. The voltage may vary from 4 5 to 5-5 volts 
with an anodic current density of 20 amps, per sq. dcm. Many 
types of cells have been used in practice.* 

Alkali-chlorine cells.— We have already seen that by electro- 
lysing a cold solution of brine and allowing the anode and kathode 
products to intermingle, there results a hypochlorite, or a chlorate, 
the actual product formed depending upon the conditions. We 
will now consider processes in which the chlorine and the alkaline 

solution are kept separated, 

• See Gibbs, Electrochem. Ind., 1 , ii (190^) ; French Patent, No. 283,737 
(1904) ; United States Patent, No. 918,650 (1909). 
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The very high negative value of the deposition potential of 
sodium may be made more positive by employing a mercury, or 
lead, kathode with which the sodium alloys, or by using a metal on 
which the kathodic overvoltage is very high. In practice, sodium 
is liberated in the cell at a mercury kathode, the alkali amalgam 
being subsequently decomposed by water outside the cell. 

As regards the anodes, they must withstand the action ot me 
chlorine and are therefore made of platinum, carbon or magnetite, 
the platinum used being always smooth, never platinised, lo 
obtain a good yield of chlorine the temperature should be low, and 

the current density high. , 

Concerning the cell design, the alkali must not 
anolyte, and the various means adopted for preventing this attord 
a method of classifying the cells, the various types being commonly 
termed diaphragm, gravity and mercury cells but this classificatmn 
is entirely empirical. A few examples of these various cells will 


now be considered. 

Diaphragm cells. 


S 

E 
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In the Hargreaves-Bird cell * (Fig. 66) 
a rectangular iron box, lined with 
cement, or in the place of iron, 
sandstone blocks clamped to- 
gether, forms the containing 
vessel. The latter is divided 
longitudinally into three parts by 
two asbestos sheet diaphragms, 
D. The kathodes, C, are made 
of sheets of copper gauze of the 
same size as the diaphragms, and 
attached to them on the outside. 
The two kathode spaces between 
the copper kathodes and the sides 
of the cell are empty, except for 
steam and carbon dioxide, which 
pass into the top of the cell by way 
of the pipes, S, S. The anode 
compartment is filled with satu- 
rated brine which, during electro- 
lysis, percolates through the 
diaphragm. Reaching the copper 
kathode, caustic soda is formed, 
and this is carried to the base of 
the cell by condensed steam and 
the carbon dioxide, and therefore leaves the cell by the pipes, O, O, 

• See Electrochem. Rev,, 20 ( 1900 ) ; Electrical World, 46, loi (iQOS)* 
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Fig. 66. — ^The Hargreaves-Bird 

cell. 
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as a sodium carbonate, or bicarbonate, solution, mixed with sodium 
chloride. The anodes are of graphite. The disadvantage of the 
cell is that it produces cheap soda crystals and soda ash, instead 
of comparatively high priced caustic alkali. 

In the To\vnsend cell,* which is used in America, kerosene oil 
is employed in the kathode compartment to facilitate the rapid 
removal of the caustic soda from the kathode, so that diffused 
chlorine from the anode has little chance of converting it into the 



Fig. 67. — The Townsend cell. 


hypochlorite, or chlorate. The centre compartment, A (Fig. 67), 
is"^ the anode chamber, the sides of which are formed by asbestos 
diaphragms, B, on the outside of which press the iron grids, C, 
which serve as kathodes. The graphite anode, D, is cemented 
in through the roof of the anode compartment, the whole ot this 
space being practically filled with the anode. The liquor between 
the anode and the kathode is partly converted into caustic soda, 
which passes through the diaphragm into the outer compartment. 
The electrolyte subsequently falls to the bottom of the kathode 

• Trans. Amer, Inst. Chem. Eng., 13 , i, 55 (1920). 
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compartment where it collects, and is ultimately drawn off by means 
of the outlet pipes, F, F. The current density is about 150 amps, 
per sq. ft. with 4 volts per unit. The electrodes are not more than 
one centimetre apart, and the diaphragm used is comparatively 
thin It consists of woven asbestos cloth, painted with a mixture ot 
asbestos fibre, Fe^O,, and colloidal ferric hydroxide. By reducing 
the rate of percolation of the liquor through the diaphragm it is 
possible to obtain as much as 250 grams of NaOH per litre. 1 he 
Lodes are only very slowly attacked during electrolysis, and the 

loss of kerosene is negligible. • j 

Among other diaphragm cells may be mentioned those ot 

Billiter-Siemens,* * * § Marsh, f Allen-Moore,t and Nelson.§ 

Mercury cells. — In mercury cells the alkali ions, and not the 
hydrogen ions, are deposited at the kathode the liberated metal 
dissolving in the mercury. The amalgarn thus formed is trans- 
ferred to a separate compartment, where it is decomposed by water, 
the sodium being converted into the hydroxide. At the anode 

chlorine gas is evolved, and provided that ^0°^ 

quality, and that the concentration of the alkaline halide is mam 

‘“'"ArtuaUrthflaJ^r^if electrolyte in contact with the mercu^ 
will be slightly alkaline, so that the reversible H+ ion potential will 
^ less tl^L - 0-4 volt, probably about - o-6 volt. The hydrogen 
kathTdic overvoltkge at the mercury surface, under the conditions 
Listing, is, approximately, 1-35 volts, so that the total deposition 
potential for the hydrogen is about - 2-o volts, whereas, although 
the deposition potential of sodium from a solution of normal sodium 
ion concentration is - 2-7 volts, the kathode potential necessary for 
sodium deposition at the amalgam surface is about - 1-83 volts. 
Hence electrolysis discharges sodium m preference to hydrogen. 

The anodes are of platinum, or carbon, and if smooth platinum 
is used, there is a high chlorine overvoltage, the anodic potential 
drop being probably about + 2*i volts, so that the voltage for the 

mercury cell seems to be about 4 volts. 

By means of these mercury cells, concentrated soda liquor can 
be obtained, and a high current efficiency — about 95 per cent.— 
results. In addition, the purity of the caustic soda is high, approxi- 
mately 99 per cent. Among the disadvantages is the production of 
hydrogen, arising from the interaction between the amalgam and 
the aqueous brine. Dangerous explosions have occurred as a 

• Trans. Farad. Soc., 9 , 3 (<9'3) ; ^our. Soc. Chem. Ind., 32 , 993 (i9*3)* 

t Trans. Amer. Electroc. Soc., 39 , 507 (1921). 

1 Chem. Met. Eng., 21 , 370 (1919)- ^ 

§ Trans. Amer. Electroc. Soc., 35 , 239 (1919)- 
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result of this hydrogen content, and there is also the chance of the 

formation of HCl. . . 

Taussig * has summarised the effects of various factors on 

the current efficiency of mercury cells. The chief results are as 
follows : — 

(i) The current efficiency is constant up to a certain anialgam 

concentration — o-oi per cent. — after which it falls off. 

This is true for a constant current density. 

(ii) The current efficiency depends upon the rate of circulation 

of the brine, and up to a certain point increases with it. 

(iii) The efficiency also increases with the current density, 

finally reaching a steady value. 

Among the many types of mercury cells proposed may be men ■ 
tioned the Solvay-Kellner type.f It was designed to take a large 


E 



Fig. 68. — The Solvay-Kellner cell. 


load to work with the minimum of attention and to have a high 
output for its mercury content. The cell (Fig. 68) is stationary, 
and mercury flows through it by the action of gravity . A row of 
carbon anodes is arranged so that they dip into the brine solution, 
which enters at A, passes across the cell, during which it is de- 
composed, the resulting caustic liquor flowing out at B. The 
mercury enters at C and leaves by D, after givmg up its sodium 
charge. Chlorine gas is drawn off by means of the pipe b. 1 hus, 
the streams of mercury and of brine flow in the same direction, the 
layer of mercury being a thin one, and its rate of flow is chosen so 
that an amalgam of suitable concentration leaves the cell. Ine 


• See Askenasy, Technische Elektrochemie, II., 109 (19*6). 
f Trans. Farad, Soc., 5 , 258 (1910). 
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anodes are only lo to 15 mm. above the mercury surface and the 
issuing amalgam flows^ by gravity, into a separate trough, where it 
is decomposed by a counter-stream of water. The units are large, 
taking 10,000 to 15,000 amperes at a current density of 15 to 20 
amps, per sq. dm. 

Among the other mercury cells may be mentioned those pro- 
posed by Whiting,* * * § Rhodin.f and Wildermann.J Although 
concentrated caustic liquors can be obtained from mercury cells, 
and their current efficiencies are high, there is the disadvantage 
of the initial cost of the mercury. 

Gravity cells. — The chief characteristic of these cells is that 
the electrolyte moves and there is no diaphragm. Advantage is 
taken of the motion of the electrolyte, as a whole, to carry the caustic 



liquor away from the anode and prevent its contact with chlorine. 
In this way the effects of diffusion and ionic migration, which cause 
losses of alkali and chlorine, are largely counteracted by the flow of 
liquid. 

In the Billiter-Leykam cell § a bell jar, A (Fig. 69), is inverted 
in an outer trough, B, and contains a chlorine outlet, C, D being 
an inlet for the brine. The anode of graphite is cemented into the 
bell, while the kathode, K, which is of iron, is T-shaped and is en- 
cased in asbestos to facilitate the removal of the hydrogen. Caustic 
soda falls to the bottom, and may be extracted through the pipe E, 
As the cell is fed automatically, it requires very little attention, 
and is found, in practice, to work smoothly and regularly. The 

• Trans. Amer. Electroe. Soc.^ 17 , 327 (1910). 

\ Jour. Soc. Chem. Ind.y 21 , 449 (1902). 

t Trans. Amer. Electroe. Soc.^ 22 , 445 (1912). 

§ English Patent, No. 11,693 (1910) ; Trans. Farad. Soc.y 9 , 3 (1913). 
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current density used is 5 to 7 amps, per sq. dm. with a voltage 
ri to 3*2 volts. The chlorine is very pure, and the cell is con- 
sidered to be one of the most efficient non-mercury cells lor 

producing caustic soda. 

In the Acker process * the fused salt is electrolysed between 
carbon anodes and a molten lead kathode. 

162 Other electrolytic processes. — In addition to the 
various substances already discussed, others are also prepared by 
electrolysis such as. for example, hydrogen and oxygen. Where 
both of these gases are required. i.e., for the oxy-hydrogen flam . 
electrolysis is the most convenient method of J^em. 1 h 

technical electrolysers usually employ solutions of NaOH, or KUH, 
and, as a rule, 2 to 2-4 volts form the normal working voltage. The 
purity of the gases reaches 99 per cent, for oxygen and 99*5 P^r 
cent, for hydrogen. Among the many types of celU used for this 
process may be mentioned that of Schuckert.t which consists of an 
iron trough, divided into a number of compartments, containing 
alternately iron anodes and kathodes. Imn hoods, suspended 

between the insulating partitions, carry off the 

TanKprt t cell (Fie. 70) five pairs of electrodes are connected in 

parallel, and each electrode is partly covered by a steel bell. A and 
B, in which the gases collect. The diameters of these be Is and 
electrodes are proportional to the volumes of the gases evolved 
each but, as shown in the diagram, the lengths of the electrodes 
projecting below the bells are inversely proportional to the same 
gas'^ volumes. The gases are allowed to flow out by means of 
the taps T, and T.. One unit takes 300 to 600 amperes at 2 3 to 

^ ^ The* Knowles oxy-hydrogen cell § consists of an outer tank 
containing a number of sheet-iron gas col ectmg hoods m whmh 
are olaced alternately, the anodes and kathodes. The gas exits 
deliver into a pipe running across the bells. Later || ten of these 
cells were desired into a column cell for the purpose of reducing 

the floor space, occupied by the cells. , . i • 

Various substances can also be produced by electrolysing 

suitable salt solution with an attackable electrode. the electro- 
lyte is a salt whose anion forms an insoluble salt with ‘he anodic 
metal for example, PbSO., it collects on the bottom of the bath 
beneath the anode. In this manner white lead, chrome yellow, 

• Electrochem. M.. 4 , 477 (1906). 

1 See Hale, Jour. Soc. Chem. Ind., 40 , 122 (192*)' 

% Engineering, 134 , 315 (1922). 

WJour. Soc. Chem. Ind., 43 , 119 (1924). 
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lead peroxide, cuprous oxide and lead hydrogen arsenate have 
been prepared.* 

Bromine can be obtained by the electrolysis of concentrated 
bromide mother-liquors, containing a mixture of chloride and 
bromide. t Bromates are produced by the electrolysis of concen- 
trated bromide solutior s. containing a little alkali bichromate. The 

best working temperature is 40° to 50° C. 

Percarbonates, hydroxylamine, hyposulphites, hydrogen per- 



Fio. 70. — The Jaubert cell. 


oxide, potassium permanganate, fluorine, iodoform, bromoform, 
anthraquinone, isopropyl alcohol, chloral, saccharine, potassium 
ferricyanide have all been prepared by electrolytic methods. 

Although much work has been done on the preparation of 
organic compounds by electrolysis, it is evident that the full 
application of this phenomenon awaits development in many 
directions. This branch of electro-chemistry does not appear to 
have received the attention in this country which it deserves. 

• See Zeits. Elektroc.^ 9 , 797 (1903^ ; Tram. Amer. Eleetroc. Soe., 5 , 230 
(1904); English Patent, No. 14,310 (1915). 

t Zeits. Elektroc., 16 , 321 (1910). 
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appendix I. 

POISSON’S EQUATION. 

Consider a small rectangular parallelopiped 

aL Oppose that the whole space is charged ic 

tribution of electricity of volume density p. Thus, the total 

b, * p';,“ fo- .. f e p.i« 

Xo, i: xf in the X direction, and ^ the electric potential at this point. 
Then, 

- - &)■ 

rr™TAS:“, 'z .s;:.. L ..d 

may be written as , 

Similarly the contribution from the opposite face is 

The sum of the contributions from the two faces perpendicular to 
the axis of x is therefore 

Hence considering the induction acro^ the two other pairs of faces 
the whole value of JJiV 85 is, accordingly. 

- & + f + 

But by Gauss’s theorem the total normal induction across any closed 
surface is equal to 477 times the electric charge enclosed, t.e., 

fjms = 47rpSxS^8^. 
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and, therefore, 


()a:2 Sjy* 


= — 47 r/) 


• (172) 


This result is known as Potsson^s equation. 
inductive capacity D, then, 

Sy I I 

2)^2 “ 


If the medium is of specific 


4^ 

D 


■ (173) 


or, in vector notation, 


div. grad. ^ = — 


4^ 

Z) 


• (« 74 ) 


where div. grad, is often denoted by the symbol V^* 


APPENDIX II. 

THE MOTION OF AN ION IN A SOLUTION. 

As stated in section (146) Debye and Huckel deduced the relationship 
between the equivalent conductance and the concentration ot an 
electrolyte by means of two general principles, namely, Boltzmann s 

law of distribution and Poisson’s equation. . . * „ 

Consider an elementary volume 8v in which the ionic concentration 

at any point at any instant may be represented by J*, where ^ is a 
function of the co-ordinates, a:, y, ar. The number of ions within the 
volume is equal to {x^ y. Sv). In a given time r some the ^ 
experience a fortuitous variation of their co-ordinates owing to the 
BrLnian movements, so that if dv is a very small volume w.thm 
the volume Sv, the number of ions within the latter at the end ot 

the time t is equal to 

+ Sjc, y Sjy, s -f Sz)f . 

where / is a function of the variations, SXy hy, Bz, oi the co-ordinates. 
Hence the increase in the number of ions withm the volume Sv during 

the time interval t is 

-^hx,y-b ^y, ^ + 8s)/ . dv - y, 3 ^)]sv. 

Using Taylor’s theorem, this increase is equal to 


[{( 


>4 + ‘4 + 


■ J(8*) 




Let 


S == |8* ./. dv, .f.dv, etc.. 


where £ denotes the total displacement along the * axis of ^1 ions 
within the volume Sv. Now since we are considering kinetic motion, 

X = y = 5 = o ; xy = yz = xS ^ o, 

A that = z^ = where denotes the total value 

of the ^s^quared displacements parallel to the jc direction during the 
time*^inte%al, r. The increase in the number of ions brought about 

by the kinetic motion is thus 


-f ^ -b approximately. 
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which, using vector notation,* may be written 

^2 

— div. grad, yi . Sv. 

An external electric intensity, X, may also produce a variation in 
the ionic distribution, and this force, acting upon an ion, will subject 
the latter to an electrical force, F. When steady motion is reached, 

u being the steady ionic velocity and a viscous, or retarding, force 
resulting from the viscous properties of the medium in which the ion 
moves. The number of ions within the volume 8v will vary owing to 
the action of the electric force, and during the time interval, t, the 
change in the number of ions will be equal to 




t.e.t 


T div. ^ L . Sv. 


Neglecting any movement of the liquid as a whole, we have for the total 
change in the number of ions, 

. Sv = — div. grad. ^ . 8v — t div. yi y . Sv, 

vt 2 ^ 


or 


I? = \j - T • ■"]• 


Now Einstein t has shown that 


2 r 


kT 

r 


where k is Boltzmann’s constant, and T, the absolute temperature, so 
that 


= div. {kT grad. y» — yiF). 


• (* 75 ) 


• We shall use the following vector notation : — 


rot«^ 

oy OS 


div. A = 


grad.x = 


TiAx , 7>Ay I 


i)X 


+ 




M 


and, div. grad. S (denoted by V**S^ = ^ 


^x* ■ Hy 

where A and 5 are vector and scalar quantities, respectively, 
f Ann. d. Phys., 17 , 4, 549 (1905). 
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Suppose that the solution contains ions of various kinds, the number 
of the ith kind per c.c. being represented by and the charge on an 
ion of this kind by Further, suppose that under the influence 
of the external electric field the ions move along the .v direction. The 
number of ions within the volume Sv is 

and the electrical force acting upon an ion of the ith kind will be 
equal to 

If th is the potential at the ion resulting from the ionic atmosphere, 
the electrical force acting upon the ion, due to the electric charge in this 
ionic atmosphere, is 

— ei grad. «/-, 

so that the total electrical force acting on the ions is given by the 
expression 

tiiCiX — fiiCi grad. «/«. 

Hence, from equation (175), 

= div. (kT grad, w, — n.e.A + g^'ad. >A)» • (^76) 

where ?/, is written for the ionic concentration, But from Poisson’s 

equation (Appendix I.), 

div. grad, tp = — • • • (^ 7 ?) 

and if we denote the co-ordinates of the position of an ipn at any instant 
by :co, yo, Zq, and its velocity by then, 

- — Uit = Jf, yo= y> -0 = 


and 


'dt 


Thus equation (176) becomes, 

_ / div. (kT grad. «, — n^CiX -f K,e, grad. ^). (178) 

Putting Ui = o and AT = o in this equation, 

div. (kT grad, n,- + grad, ip) ^ o. . . (179) 

At great dilution grad, fp is small, and we may write = n,-, f e., 

TiiBi grad, ip = niCi grad p. 

Equation (179) reduces to 

div. (kT grad. Hi + n.e.- grad p) = o, 
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which equation is satisfied by 

W, — K, — • • 

Also in equation (178) we may replace — grad 

— niCiX + tiiCi grad, tjj, when the solution is dilute, and putting 


(180) 
iP by 


«,• = «»• — 


kT 


+ H’ii 


where /i, is the deviation from the normal distribution, we have from 
equation (178), 

^ = div. {kT grad, f.,) = kT div. grad, m,-, (i8i) 




kT Tix 


and from equation (177), 

div. grad, p = 


since 


div. X — o and 




ei = o. 


Let be written for the term which is the square of an 

inverse length, and if we denote the operation div. grad, by V*» we have 
from equation (182), 

— kV = — 

Substituting this result in equation (i8i), 

= • (’^3) 

We shall define the mean friction coefficient of the solution, by the 
relation 


C = 


s ^2 * 


XfliBi 


. (184) 


and substitute w for the term so that equation (183) becomes. 


OX 


■ (185) 


Now it has been shown in section (146) that the total potential 

Ae~^’‘ 

at a small distance, r, from an ion is and thus. 


= • ■ (' 86 ) 
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Since 


V 


(r" 






- <r 


we can put equation (i86) in the form, 

V^(V¥ - -cW-) = - ^ . 

a Ac-”' aMc-"\ 

or =““’^VT ) 

Let ip = R cos 0 , so that 


cos 6 . (187) 




I d „ dR 2R 


dr 


_ _ ^2/? cos 6 


Hence, 


R = - 


wA€ 


— Kr 


and a special solution of this equation is 

lA cos u. 

^ 2 

Thus, adding to this result a solution of the equation, 

V^(V¥ — 

and putting it in a form containing cos 0, we obtain 


. (188) 




,,d € 


*r 


B' 


2 drr ' dr r 


+ 5 'V) cos 6 . (189) 


(190) 


<!>={- 

Now the potential must decrease as the concentration becomes 
less, and, therefore, 

A — o and B =0. 

Hence, the total potential close to an ion is given by 

-A =-7 + r2 

Therefore, owing to the motion of the ion, an additional potential is 
created on the ion which is, approximately, equal to 

r T k'^A* — wA fwA k^A\ ~\ Q 

[(_ + B')i + + (^ - — ) 

Since the ions are small compared with the radius, K of the ionic 

atmosphere, {- A' + B')^ must be exceedingly small at great dilutions, 

and so A' = B'. There will be a null point near the ion at which the 
electric potential due to the ion and that due to the asymmetry of the 
atmosphere are equal and opposite in sign so that these two 


ionic 
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electrical charges thus constitute what may be termed an ionic dipole. 
Thus the potential which the latter exerts at any point is proportional 

cos d , — tvA 4 - 

to — 3— and so — o, 

2 


or 



(19O 


But from section (146), 



and, therefore, expanding equation (190) and putting in the values of 
the various constants. 




, WKCi 


r cos 9 , approximately. 


Hence, the potential of the ion due to the asymmetry of the ionic 
atmosphere is 


WKBi 

Td 


r cos 0, 



since w — 


kT 


the excess potential is given by 


tDkT 


r cos 9 


or 


(>DkT 


Thus, the additional electric intensity at the ion, due to this symmetry, 
and acting in a direction opposed to the applied electric force, is 

equal to, 


()Dkr * 


(192) 


Since there is in each volume element of the solution an electric 
charge arising from the presence of the ionic atmosphere, and since 
the sign of this charge is opposite to that of the ionic charge, an 
electric force will act upon this volume when an external electric field 
is applied, the direction of this force being in the opposite direction to 
that acting upon the ion. As a result, the ion will experience a viscous 
force opposing its motion, which will be greater than would be the case 
in the absence of an ionic atmosphere. In other words, a correction 
must be applied to the retarding force, as obtained from Stokes’s law.* 
According to Poisson’s equation, the density of the electricity within 

the ionic atmosphere is equal to V^» and the force, Fj, acting 

upon unit volume of the ionic atmosphere may be written thus : 

ny 

= V^,. . . . (193) 

47r 


• See Stokes, Collected Papers. 
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where, as before, X is the applied electric force. In the case of a very 
dilute solution we have, from equation (185), 

y'Y — kS' = o (194) 

and, therefore, 

rw n V 

• (195) 


^ DX^^, DA.,, 

^ 47 r ^ 47 r 


If an incompressible liquid moves with a velocity v past an ion, 
the hydro-dynamical equations, formulated by Stokes,* give rise to 
the following results : 

-q rot. rot. V = — grad. /> + Fj, . . (19*^) 

and div. «) = o, . . • • (^97) 

where « is the coefficient of viscosity of the liquid, p, the pressure which 
it exerts and is given by equation (195)- Taking the div. of equa- 
tion (196) and utilising equation (197). we have 

VV> = div.F, = -^V^J-J. • • 098) 

of which a solution is 

(199) 

^ 477 7>x 

Adding this result to the general solution of the equation, 
the complete solution, expressed in polar co-ordinates, is 

/ Br.\ / * F, DX "dtp 

p = ^^0 + — ) + 72 — j)r 

in which Ao. Bo, A, and B, are constants, and — - — cos tf. 

The angular velocity, cu, of the liquid at the surface of an ion, past 
which the liquid is moving, is related to t) according to the equation,! 

oj = rot. t/, • • ■ * (201) 

and, therefore, if we take the rot. of equation (196), 

7j rot. rot. tu — rot. Fj, . • ■ (202) 

^'"'Assumfng t4t the liquid moves along the :v ^^^ection, the com- 
ponents of I namely, 2), and 2;,, will have definite values, but the third 

component, is zero (Fig. 71). 

velocity are determined explicitly from equation (zoi) and have the 
following values : 

t See Stokes, Collected Papers, or any book on Hydrodynamics. 


COS 0 , . (200) 
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I ^ • o ^ ^ 

COr . y. • -v /I Sin VVA • 

r sm 0 2)0 ^ r sin 9 1><I> *' 

It) It) 


r sin 6 r 


CO0 = 


I <) 


1 () 


r - r Y0^- 


But as the impressed velocity is along the x axis, 


and since 


oj,. = o ; cuj = o ; 


and 


(rot. rot. <.), = - i i A sin 0 a,,. 

rot.cf Fi = - sin 0 

^ 47r or 



Fig. 71. — Ionic motion (polar co-ordinates). 


we obtain from equation (202), 

I 2)2 , I 2) I 0 . « kWX . . 

“ + ~5 T5 — 5 Sin CO^ =: Sin 9 

r Sr2 ^ r2D0 Sin 0 2)0 ^ 4707 

A solution of this equation is 

“♦ = (C,r + sin 0, . 


Jr’ 


(203) 

(204) 


where Q and are constants to be determined. 

Now equation (196) may be resolved into the three component 
equations, the ^ component reducing to 0 = 0. Hence, from the 
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r and d component equations, and utilising equations (195), (196), 
(200) and (204), we have 


/ Z), DX 2 dip\ 


COS P = -^ 

2B1 . DX dhp 




DX 


47T 


and 


( ^ “n^i . ^ ^ c 5 « fl 

(- + V 4 - — 


^ i . sin 0 + — kU sin B. 


= (a + 73 ‘-^- 7 - 


47T 


Comparing the coefficients of similar terms, 


Thus, 


B.-o. 

+ f)-'. 


• (2°S) 
. (206) 




^ + . (306) 

^ \ 27 ) ^ ■»)r=* 4777) (/r / 

In addition, 07^=0 and oj® = o. 

Since a>^ = rot.4 we have from equation (206), 

(- ii ' + - If ■ f ) ^ 

But div. «) = o, and, therefore, 

^ ^ sin dv& = o. . . (208) 

r^'br^ ' * rsm p off 

Lg^ Vj. — Ri cos 6 and vg = R2 sin 9, 

where R, and R, are functions of r. Thus, for equations (207) and 

(208) we may write 

I . f 20 Q) 


. (208) 


h + ^ = °- • 


and 


i.e.f 


. (209) 

. (210) 

. (21 1) 


Substituting this result in equation (209), 

/72 2 Ai . 2B1 , # 

^ ^ dr- 


■ (312) 
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A solution of this equation is 

^ 7] lO 7) 27T7)K^ dr 

since k is equivalent to an inverse length. Adding the solution of the 
homogeneous equation, the complete solution is given by 

^ 7) lo rj ® r ZTTTfK^ dr 

where and are new constants. Hence equation (210) gives 



rRz = 


. V- 


" AnT “f* - 

DX d( d^,\ 



6 

27) 

5 

27J 

3 -r 2^2 

^ 7 Tr)K^ dr\ dr) 


Thus, 

since v, 


cos 9 

% 

and 

V 0 = i ?2 sin 

e. 



( 

'Ai ± 

\ri ' 10 

7)r 

+ -^3 

- 1 - ^ 

DX I 

27r7]K^ ' r 

diP' 

dr 

^ cos 0 , 

( 213 ) 

( 

y 27? ’ 

-r* — 

5 

27)r 

A 3 + 

B 3 DX 

2r® \7n)K^ 

I 

» ^ • 
r 

|[rg])sine, 

( 214 ) 

— c 

). 











Aq + 

(^ir 

,B,_DX 

r^ 47r 

dry 

) COS 9 . 

( 21 s) 


If u is the velocity of an ion moving through the liquid, we may 
impress on the system a negative velocity — «, so that the ion is 
brought to rest, and the liquid then streams past it. The forces 
acting upon the ion in the two cases are equal, and, therefore, assum- 
ing that the velocity of the liquid far removed from the ion is parallel 
to the X axis and equal to — u, 

Vf= — u cos 6 \ = tt sin 9 , 

Comparing these values with those given by equations (213) and 
(214), we see that 

^1 = 0, ^3 = — M. 

At the surface of the sphere of radius 6, v, and must vanish, and thus 
from equations (213) and (214), 




b 


=2«- 


Hence, 


DJC 

27rf\K^\r dr dr 


(216) 

(217) 


■Bi I _ 3 


DX. 


and 


'J 2 ^ 4,r, V</(*r)2 A 


(218) 

(219) 
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We can now calculate the stress over the whole ionic surface assui^ng 

that the sphere is transported by the force in the a: 

componente of the stress, p, across the surface of a sphere “f «dius r 

may be denoted by Pr,. and the conditions for no 

the liquid at the surface, r = 6, give, when integrated over the surface 

of area * 5 , 


Also, 


where 


= o, and - o. 

prx = Pxx^ + pyx^ + p2X-> 


(220) 




7 )x' 


yx 








'bX 53 ' 


)' 


In addition, 


/bv^ , bv^\ 


Vj. = Vf cos 6 — Vff sin 
v = (Vr sin 0 + va cos 6) cos 
= (ijj. sin 8 ^ Vff cos 8 ) sin 9 . 


We can calculate p„ from equation 

for V and p from equations (213), (214) and (215;, so mat 
yjp = o, we have 

Prz = + 4-^x\rdr r dr) j 

The force, acting on the sphere of radius r in the ai direction, is J p„dS, 
and is given by 

/ B. , DX 
ip^s = 4 ’n)(- - + 

The value of B, is obtained from equation (218), and, therefore, 
putting r = 6, / d ^ 

\P,JS = - (>m,ub + ■> 


e . € 


— KT 


but ^ " Dr 

and so the retarding, or viscous, force acting upon an ion of the fth 
kind, as it moves through the liquid, is 

(mriufii + e^XhiK, approximately. 


ELECTROLYTIC CONDUCTION 


426 


It has been shown — expression (192) — that the value of the retarding 
electrical intensity, due to the asymmetry of the ionic atmosphere, is 

equal to the total accelerating electrical force acting 

upon the ion is 

6DkT' 

Hence for steady ionic motion, 

= SirqUibi 4 - CiXbiK, 

an expression utilised in section (146). 
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on 


j^.BSOLUTE electric charge 
ions, 33. 

— ionic velocities, 123. 

— transference numbers, 107, 109. 

— zero of potential, 197, 271. 
Accumulators, 178, 183, 306. 
Acetaldehyde, conductance of salts in, 

64. 

Acetic acid, equilibrium constant, 50. 
Acetone, conductance of salts in, 64, 
79. 130. 236. 

Acker process, 409. 

Action, secondary, electrolytic, 27, 383. 
Activity, 370. 

— and E.M.F. measurements, 371. 

— — freezing-point temperatures, 

375- 

mass law, 374. 

— coefficients, 372. 

of individual ions, 376. 

— mean, 376. 

Addition agents, 386. 

Additive properties of electrolytes, 134, 

^ *56, 157. 161, 163. 

Adiabatic changes, 2. 

Adsorption, 24, 205, 269. 

— Gibbs’ equation for, 21, 267. 
Affinity, electron, 187, 191. 

Alcohols, conductivity of salts in, 54, 

65. 69, 79. 89, 93, 121, 125, 127. 129, 
130, 236, 237. 

Allen-Moore cell, 406. 

Alloys, 383. 

Alternating current electrolysis, 303. 

used in measuring conductance, 

3*5* 

Aluminium, refining of, 394. 

— refraction of ion, 159. 

Amalgams in capillary electrometers, 

265. 

concentration cells, 234. 

Ammonia, conductance of alkali metals 

in, 66. 

electrolytes in, 58. 

— equilibrium constant, 60. 

— ionic mobilities in, 60. 

Ampere, definition of, 30. 


Amylamine, conductance of electro- 
I^es in, 64. 

Aniline, conductance of electrolytes in, 
64. 

Anions, definition of, 26. 

Anode, definition of, 25. 

— effect, 398. 

Anodic overvoltage, 289. 

theories of, 299. 

Anolyte, definition of, 392. 

Available energy, see Free energy. 


B 


’ ^ 77 , 313. 

Ualbach^Thum process, 391. 

Bath, electrolysis, 384. 

Benzonitrile, conductance of salts in, 
65. 

Billiter-Leykam cell, 408. 

Siemens cell, 406. 

Binary electrolytes, definition of, 28. 
Bipolar electrodes, 384. 

Boiling-point temperature of a solution, 
_ *5. 149- 

Boltzmann’s principle, 347. 

Boric acid solutions, conductance of, 68. 
Brine, electrolysis of, 400. 

Bromates, electrolytic preparation of, 
410. 

Bromine, electrolytic preparation of, 
410. 

Brownian motion, 360, 415. 

Buffering agents, 382. 

^^^ADMIUM cell, 230. 

Calcium, production of, 398. 

Calomel electrodes, 194. 

Capacity of electrolytic cell, 279, 312, 
333. 334- 

specific inductive, see Dielectric 
constant. 

Capillary effects, see Electro-capillarity. 
~ electrometers, 257, 272. 
Camot-Clausius equation, 3. 

— cycle, 2, 181. 

Castner process, 396. 
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Cataphoresis, 274. 

Caustic alkali, preparation of, 405. 

Cells, alkali-chlorine, 403. 

— cadmium, 230. 

— changes produced by current in, 98. 

— chlorate, 403. 

— Clark, 230. 

— concentration, 178, 210. 

amalgam, 234. 

applications of, 247. 377* 

— — calculation of E.M.F. of, 212, 

371 . 

containing mixed electrolytes, 

233 » 235 - , ^ f 

— measurement of E.M.F. of, 222. 

temperature coefficient of, 182, 

238. 

thermodynamics of, 212. 

with transference, 210, 212, 215. 

E.M.F. of, 217. 232. 

without transference, 21 1, 213, 

218. 

E.M.F. of, 219. 232, 238- 

— conductivity, 325* 

— diaphragm, 404. 

— gas, 238, 242. 

— gravity, 408. 

— half, 194. *98. 

— mercury, 406. 

— oxidation-reduction, 17®. 240. 

— photo-voltaic, 251. 

reversible and irreversible, 177, 251 

— standard, 230. 

— voltaic, 174* 

E.M.F. of, 179. J92. 

Chlorate cells, 403. 

— production of, 400, 403. 

Chlorine, production of, 403 ' 

Chrome yellow, production ot, 409. 
Chromium-plating, 389- 
Clapeyron^s equation, 

Coefficient of diffusion, 166. 

Colour of salt solutions, loi. 

Commutator method for overvoltage 
measurements, 282, 284. 

Complete ionisation, theory of, iee 
Dissociation. 

Complex ions, 27, 44. 95. *®3. >27, 135. 

194, 233. 237. 358; f 

Components, definition ot, ii. 
Compounds, electrolytic, preparation 

Concentrated solutions, equation for, 

Cor?centration cells, see Cells, concen- 
tration. 

— curves, see Curves. 

influence of, on conductance, 70. 

— polarisation, 276. 

Conductance cells, 325. 

— definition of, 38. 

— dispersion, 368. 


Conductance equivalent, determina- 
tion of, at infinite dilution, 

72. 87- „ 00 

formula for, 38, 71, 74 * 78, 80, 

82, 87, 339 . 343 . 353 . 30 ^- 

values of, 41, 75 . I 37 ' 

— influence of applied E.M.F. on, 

365- 

concentration, 39, 55 * 7 ^* 

343. 347, 357. 360, ree also 

Equivalent conductance. 

fluidity, 83. 

impurities, 40, 68, 33 ** 

temperature, 62, 89. 

viscosity, 83. 

— measurement of, 311. 

— of alkali metals in ammonia, 66. 

— electrolytes in acetone, 64, 79 . 

130, 236. 

alcohols, 54, 65, 69, 79. 

89, 93. 121, 125 , 127, 
129, 130.. 236. 237* 

ammonia (liquid), 58, 93, 

237 - , 

aniline, 64, 230. 

__ — — benzonitrile, 65, 89, 127* 

— hydrochloric acid, 63. 

_ — hydrogen bromide 

(liquid), 62. 

iodine, 63. 

mixed solvents, 67, 130* 

nitromethane, 65. 

— — — pyridine, 64, 80, 235. 

236. 

sulphur dioxide (liquid), 

60, 93 - ,0 

various solvents, 63, 00, 

93. *26. 

— fused electrolytes, 79 » 337 . 393 * 

ions, see Ions, mobility. 

mixed electrolytes, 93, 134 - 

non-aqueous solutions, 54, 93 * 

soap solutions, 69. 

water, 137, 327 * 

— — — correction for, 329. 

— — weak solutions, 33 ** 

— specific, formula for, 37 . * 34 - 

of water, 137 . 327 - 

— standard solutions, 327* 

temperature coefficient of, 90. 

Conduction process, 36, 97. 
Conductivity, see Conductance. 

— water, 328. , 

Constant, equilibrium, see Equilibrium 

constant. 

Co-ordinates, generalised, 4, ». 

C:opper electro-plating, 390. 

refining, 391* , 

Cuprous oxide, preparation ot, 410. 

Current, alternating, used in measuring 
resistance, 315. 

— diffusion, 291. 
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Current efficiency, 380, 407. 

— leakage, 314. 

Curves, conductance and E.M.F., 367. 

temperature, 93. 

dispersion, 370. 

— electro-capillary, 261. 

— equivalent conductance and concen- 

tration, 38, 39, 82. 

viscosity, 89. 

effect of impurities, 332. 

of KI in solvents, 79. 

— graphical method for the determina- 

tion of value of A^, 73. 

— hydrogen overvoltage, 292. 

— mobility of ions in solvents, 57. 

— molecular refraction and concen- 

tration, 160. 

— Storch’s dilution equation, 76. 
Cyanoacetic acid, equilibrium constant 

of, 59 - 

Cycle, Carnot, 2, 15, 17, 180, 184. 

— irreversible, 3. 


Debye and Huckel’s theory of 
strong electrolytes, 54, 347. 
Decomposition voltage, 279. 

Degree of ionisation, 41, 51, 70, 122, 
132, 146, 149, 163, 217. 

Deposition potential, 28, 379, 382. 
Depression, molecular, see Molecular 
depression. 

— freezing-point, see Freezing-point 

depression. 

Dielectric constant, 25, 78, 81, 235, 

346, 349 » 357 . 361. 

variation of, 362. 

Dietzel cell, 392. 

Diffusion, 166. 

— coefficients, 166. 

of electrolytes, 171. 

temperature coefficient of, 172. 

— currents, 291. 

— potentials, 229. 

Dilution law, Ostwald’s, 50, 340. 
Dipoles, 106. 

Dispersion, conductance, 368. 
Dissociation, electrolytic, degree of, 41 
43 , S*. S8, 70, 82, 86, 89, 94, 
122 123, 125, 132, 146, 149, 

163, 217, 340, 358, 373- 

theory of, 31, 53, 78, 147, 342, 

357. 

variation of, with concentration, 

39, 52, 69, 71, 128, see also 
Degree of electrolytic dissocia- 
tion. 

— heat of, 21, 150. 

— of water, 137. 

Doublets, 106. 

Dropping electrodes, 202, 261, 270. 


Efficiency of Camot cycle, 2. 

current in electrolysis, 380, 409. 

Electrical charge on ions, 26. 

— double layer, 174, 257. 

— force of relaxation, 367. 
Electro-affinity, 186. 

Electro-capillarity, 257. 

— theories of, 265. 

Electro-capillary adsorption of ions, 

269. 

— ^curves, 259, 267, 270. 

— measurements, 262. 

— phenomena at interfaces, 264. 
Electro-chemical equivalents, 29, 33, 

34 - 

Electro-endosmosis, 273. 

Electro-kinetic phenomena, 273. 
Electrode potential, 184, 205, 207, 208, 
209, 382. 

theories of, 187. 

— reactions, 254. 

Electrodes, calomel, 194, 272. 

— dropping, 202, 261, 270. 

— glass, 200. 

— hydrogen, 196, 246, 248. 

— (^uinhydrone, 201. 

— silver chloride, 200, 240. 

— standard, 194, 200. 

Electrolysis, 25. 

— alternating current, 303. 

— bath, 384. 

— concentration changes produced by, 

98. 

— Faraday’s law of, 28, 97. 

— of brine, 400. 

fused electrolytes, 393. 

— technical applications of, 379. 
Electrolyses, 25. 

— additive properties of, 163. 

— bi-bivalent, 28. 

— binary, 28. 

— capillary-active and inactive, 263, 

269. 

— conductance of, 25, seealso Conduct- 

ance. 

and depression of freezing- 

point, 42, 149. 

elevation of boiling-point, 

149 - 

— diffusion of, 166. 

— fused, conductance of, 70, 337, 393. 

— intermediate, 40. 
ionisation of, see Dissociation. 

— law of mass action applied to, 49. 
mixed, equilibria of, 132, 134, 233. 

— solubility of, 139. 

— strong, 40, SI, 53. 

— theories of, 341. 
tertiary, 28. 

thermal properties of, 150. 
uni-univalent, 28, 81. 
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Electrolytes, weak, 40. 

Electrolytic cell, capacity of. 279. 312, 

334- . , 

— conduction process, 30. 

— deposition, 379* 
preparation of compounds, 4*®* 

— processes, 409. 

— resistance, 311. 3.22- 

— solutions, definition of, 25. 

diffusion in, 166. 

optical properties of, isfi- 

temperature coefficients of, 90. 

theories of, 339* 

— transference of water, 110. 
Electrometers, capillary, 257» 272. 
Electrometric titrations, 249. 
Electromotive force, i74- 

and temperature, 199* 

_ transference numbers, 232. 

back, 277. 3ti. 3*3- 

__ — of concentration cells, 212, 222, 

371. 

. dropping electrodes, 204, 

262, 264. 

gas cell, 278. 

__ — hydrogen-calomel cells, 200, 

201. , 

__ _ standard half-cells, i95» *9^* 

197, 200, 201. 

voltaic cell, i79* 

variation of, with concentration, 

X92. 

— series, 208. 

Electron affinity, 187, *9** 
Electro-plating, 379» 

— by brass, 390* 

chromium, 389. 

copper, 390* 

gold, 389. 

iron, 390- 

lead, 388. 

silver, 389. 

tin, 387. 

zinc, 388. 

Electro-refining, 379. 39i- 

— of copper, 39 1 • 

gold, 392. 

nickel, 392. 

silver, 39*- 

tin, 393- 

Elevation, molecular, of boiling-point, 

16, 149- 

Endosmosis, 273* 

Energy, free, 4, 9» *9* a » 

-^and electro-capillary effects, 22, 

268. - 

electromotive force, 179. 3®®- 

heat of ionisation, 254. 

solution, 15®* 

oxidation-reduction pro- 
cesses, 243- 


Energy, internal, I. 

— interfacial, 20, 257» 263. 266. 

Engine, thermodynamic, 212. 

Entropy, 3- 

Equation of adsorption, 21 • 

Clapeyron, 8. 

Gibbs-Helmholtz, 5. 

isochore of reaction, 21. 

Equilibrium of systems, 9, 132, iS®- 

— conditions of, 9. 

— constant, 19. 

— electrolytic, 50, 132, 243, 249, 329. 

34®- 

constant of, 50, 59, 60, 71, 74. 

77, 132, 138, 142, 150. 

water, 138, 249, 33®- 

and activity, 379- 

solubility, 142, 150. 

temperature, 20, *55- 

Equivalent conductance at infinite dilu- 
tion, 38, 72, 87- 

effect of impurities on, 40, 08. 

influence of concentration on, 

38,71,74. 78.8®. 82.87. 339. 

343. 353. 361-. ^ ^ 

of electrolytes in acetone, 04, 

79. 

alcohols, 55, 7.9. 81. 

liquid ammonia, 59. 

sulphur dioxide, 

61. 

pyridine, 64. 

water, 39, 4*. 75. 79. 

82, 87, 89, 1.37- 

ions, 45, see also Mobility of 

ions. 

— electro-chemical, 29, 33. 34- 
Ether solutions, conductance of, t>5. 
Ethyl alcohol, conductance of salts in, 

Ethyi^ine, conductance of salts in, 64. 


Faraday, the, definition of. 33- 

Faraday’s law of electrolysis, 28, 97. 

271- 

Fick’s law of diffusion, 166. 

First law of thermodynamics, i. 
Flowing junctions between electro- 

lytcs 22^7* 

Fluidity and relation with conductance. 

Forces, generalised, 4, 8. ... 

Formic acid, conductance of salts in, 

65. 

Free energy, ree Energy. « 

Freezing-points, depression ot, 17, 14®. 

347- . . 

and activity, 375- , 

relation with conductance, 

42. .147. 149- 

Fugacity, definition of, 37®- 
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Fused electrolytes, conductance of, 70, 

337. ' 

electrolysis of, 393. 

CjAS cells, 238, 242. 

Gauss’s theorem, 413. 

Genei^lised co-ordinates, 4, 8. 

— forces, 4, 8. 

Gibbs’ adsorption equation, 21, 267. 
Gibbs-Helmholtz equation, 5. 

Glass electrode, 200. 

Gold electro-plating, 389. 

refining, 392. 

Gram-atom, definition of, 34. 
Gram-equivalent, definition of, 35. 
Graphical method of determining value 
of 4I0. 73- 

H AAS-OETTEL cell, 402. 
Half-cells, 194, zoo. 

Hargreaves-Bird cell, 404. 

Heat absorbed, sign of, i. 

— content, ionic, 253. 

total, 6. 

— latent, 8, 16, 17, 18. 

— of dissociation, 21, 150, 154, 254. 
of water, 152. 

ionisation, see Heat of dissocia- 
tion. 

neutralisation, 153. 

reaction, 179, 238, 243. 

solution, 150, 151. 

— reversible effect in cells, 182, 254. 

— theorem, Nernst, 6. 

Homogeneous ionic equilibria, 132. 
Hopfner process, 392. 

Hydration of ions, 40, 94, 107, 108. 
Hydrion, 26. 

Hydrochloric acid, dissociation of, 359. 

conductance of salts in, 63. 

Hydrogen bromide solutions, conduc- 
tance of, 62. 

— cell, 239. 

— electrodes, 196, 24c, 246, 248. 

— electrolytic production of, 409. 

— overvoltage, 281, 290. 

theories of, 296. 

— scale of potential, 205. 

Hydrolysis, 139. 

Hypochlorites, production of, 401. 


I Internal energy, i. 

Inversion rate, 53. 

Iodine, conductance of salts in, 63. 
Ion, equation of motion of, 415. 

Ionic atmosphere, 348. 

— equilibria, 132. 

— heat contents, 253. 

— micelle, 69. 

— mobility, 45, 46. 48, 56, 60, 70, 84, 
88, 91, 112, 120, 121. 

true, 1 12. 

— strength, definition of, 374. 
Ionisation, see Dissociation. 

Ions, 26, 31. 

— absolute velocity of, 37, 98, 112, 123, 
124, 169, 229. 

— additive properties of, 157, 161, 163. 
— capillary-active and inactive, 263. 

— complex, 27, 44» 95. 103. I27. 136, 

..194. 233, 237, 358. 

— dimensions of, 106, 125, 357, 358. 

— ~ equivalent conductance of, see Ionic 
mobility. 

— hydration of, 40, 94, 107, 108. 

— migration of, 45, 97. 

independent, 45, 156, 164. 

— solvation of, 105, 125. 

— specific refraction of, 1 59. 
Irreversible cycle, 3. 

— cells, 250. 

Isoamyl alcohol, conductance of salts 
in, 65. 

Isochores of reaction, 21. 

Isohydric solutions, 132, 135. 

Isothermal changes, 2. 

Jaubert cell, 409. 

Kathode, 25. 

Kathodic overvoltage, 286, 287, 293, 
294- 

theories of, 296. 

Katholyte, 392. 

Rations, 26. 

Kellner cell, 402. 

Knowles cell, 409. 

Kohlrausch bridge, 319, 320. 


L 


Impurities, effect of, on conduc- 
tance, 40. 

Independent migration of ions, 45, 56, 
164. 

Individual ionic heat contents, 253. 
Inter-ionic electrical forces, 53, 78, 147, 
342, 360, 364. 

Intermediate electrolytes, 40. 


iwATENT heat and boiling-point, 8, 

16. 

freezing-point, 8. 17. 

“ molecular depression, 18. 

; Clapeyron’s equation, 8. 

Laszczynski process, 391. 

La\^ Faraday’s, of electrolysis, 28. 

— Fick’s, of diffusion, 166. 

— of adsorption, 21. 
Kohlrausch’s, of independent ionic 

migration, 45. 
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Law of free energy, 5. 

mass action, 18. 

applied to electrolytes, 

49. 374- ^ . 

— Ostwald’s, of dilution of electro- 

lytes, 50, 340. 

— Stokes’, 71. 

— Walden’s, of mobility and viscosity, 

86 . 

Laws of equilibrium of systems, 9. 

osmotic pressure, X2. 

thermodynamics, 1, 2. 

Lead, electrolytic production of, 409. 

— electro-plating, 388. 

— peroxide, 410. 

Leakage current, 314. 

Liquid-liquid potentials, i68, 215. 223, 

229, 260. 


M 


^ ^ AGNESIUM, production of, 395- 
Magnetic rotation of solutions, 162. 
Marchese process, 391. 

Marsh cell, 406. 

Mass action, law of, 18, 50, 52, 59. 9s, 

374 - . 

Mean activity of ions, 370. 

Membranes, diffusion potential at, 229. 

Mercury cells, 406. 

— dropping electrodes, 202, 261, 270. 
Metal-solution interface, potential dif- 
ference at, 184. 

Methyl alcohol, conductance of salts in, 
54. 68, 79,. 81. 

ionic mobilities in, 56. 

Methylamine, conductance of solutions, 

63- 

Migration of ions, 45, 56, 97. 

Milner’s jheory of strong electrolytes, 

344* 

Mixed electrolytes, conductance of, 
‘34- . ^ 

equilibria of, 132. 

Mobility of ions, 45, 46, 48, 56, 60, 70, 

84, 88, 9*. >20, 121. 

relation with temperature, 

48, 84. 

viscosity, 83. 

true, 1 12. 

Moduli, 165. 

Moebius process, 391. 

Mole, definition of, 12. 

Molecular depression, 17, 147, 347- 

— elevation, 16, 149. 

— refraction, 158, 160. 

— weight, 17, .44- , . r 

Moving boundary mathod tor trans- 

ference numbers, 112. 


Neutralisation, heat of, 153. 

— point, 249- 
Nickel refining, 392. 

Nitromethane, conductance of salts 
in, 65. 

Non-aqueous solutions, conductance 
of, 54. 

mass law of, 65. 

— solvents, solubility in, 144. 

Normal oxidation-reduction potential, 

244- 

- electrode potentials, 205. 
Null-solutions, 204, 260. 


o HM’S law in electrolytes, 31, 393- 

Onsager’s theory of strong electrolytes, 
80, 360. 

Optical properties of electrolytic solu- 
tions, 156. . , , , 

Orientation of solvent molecules, lob, 

362. 

Osmotic phenomena, 12, 18, 146. 

— pressure, 12, 167, 174, 184. 

laws of, 12. 

of concentrated solutions, 13- 

relation with vapour pressure, 

>3- 

Ostwald’s dilution law, 50, 134, 142. 
340. 

Overpotential, see Overvoltage. 
Overvoltage, 281. 

— anodic, 289. 

— kathodic, 287. 

— measurement of, 282. 

— theories of, 296. 

— variation of, 292. 
Oxidation-reduction cells, 178, 240. 

— potentials, 243. 

— processes, 241. 

Oxygen, electrolytic production of, 409. 

— overvoltage, 289, 299. 


N 


. ELSON cell, 406. 
Nernst heat theorem, 6. 


Passivity, 303. 

pH, 248, 382. 

Phase rule, 1 1. 

Phases, equilibrium of, 267. 
Photo-voltaic cells, 251. 

Platinode electrolyser, 402. 

Poisson’s equation, 347. 349. 4>3. 420* 
Polarisation, 251, 276, 298, 3t>. 3*5- 

— capacity of electrolytic cell, 279. 

312,333- 

— measurement of, 277. 

Polar molecules, 362. . 

Potassium chloride, equilibrium con* 

stant of, 52. 

Potential, see also Electromotive force. 

— absolute zero of, 197. 271. 

— deposition, 28, 379, 382. 
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ELECTROLYTIC CONDUCTION 


Potential difference at mercur>'-solu- 

tion interface, 202, 257. 

metal-solution interface, 174, 

184, 192, 202, 262, 266. 

— diffusion, 229. 

— electrode, 174, 184. 

theories of, 187. 

— liquid-liquid. 168,215,223,229,260. 

— normal electrode, 205. 

— of half-cells, 196, 197, 199,200,201. 

— oxidation-reduction, 243. 

— scales of, 205. 

— sign of, 176. 

— thermodynamic, 4, 9, 23, 268. 
Pressure, effect of, on E.M.F. of hydro- 
gen cell, 239, 240. 

over\'oltage, 294. 

— osmotic, see Osmotic pressure. 

— solution, 174, 186, 192, 204, 214. 
Principles, thermodynamic, i. 

Process, reversible, 2. 

Propyl alcohol, conductance of salts in 
57. 65. 

Pyridine, conduction of salts in, 64. 


O 


UINHYDRONE electrode 201. 
Quino-quinhydrone electrode, 
201. 

{Reaction, heat of, 179, 238, 
243* 

— isochores of, 21. 

Reduction, normal, potential, 244. 

— processes, 241. 

Reduction-oxidation cells, 240. 
Refraction, molecular, 158, 160 

— specific, 157, 159. 

Refractive index of solutions, 156. 
Refractivity, specific, 156. 

Relaxation, force of, 367. 

— time of, 367. 

Resistance, electrolytic, effective, 312. 

experimental results, 322, 337. 

measurement of, 311. 

variation of, 322. 

— traiisfer, 286, 295. 

Reversible cells, 177, 179. 

— cycles, 2, IS, 17. 

Rhodin cell, 408. 

Rotation, magnetic, of solutions, 162. 
Rule, phase, ii. 

Salicylic acid, conductance of. 

63. 68. 

— — solubility of, 145. 

Salting-out process, 106. 

Salts, solubility of, 139. 

in presence of other salts, 

^ . *43. 144- 

Scales of potential, 205. 


Schuckert cell, 409. 

Second law of thermodynamics, 2. 
Secondary action, 27, 383. 

Series, electromotive, 208. 

Silver bromate, solubility of, 142. 
Silver-chloride electrode, 200, 240. 
Silver electro-plating, 389. 

— — refining, 391. 

Single potential differences, see Elec- 
trode potential. 

Soap solutions, conductance of, 63, 69. 
Sodium chloride, equilibrium constant 
of, 52- 

~ metallic, production of, 396. 
Solubility of electrolytes, 139, 249. 

in non-aqueous solvents, 144. 
236. 

presence of other electro- 
lytes, 141. 

“■ mutual inffuence on, 141. 
relation with heat of solution, 
ISO. 

product of electrolytes, 140, 250. 
oolution, boiling-point temperature of, 
15. 149- . 

freezing-point temperature of, 17, 
146. 

— heat of, 150, 151. 
pressure, 174, 186, 192, 204, 212. 

^ vapour pressure of, 13. 

Solutions, isohydric, 132, 135. 

specific inductive capacity of, see 
Dielectric constant. 

~ weak, conductance of, 331. 

Solvation of ions, 105, 125. 
Solvay-Kellner cell, 407. 

Solvent, transport of, 107. 

Solvents, mixed, conductance of salts 
in, 67. 

Specific conductance, see Conductance, 
inductive capacity, see Dielectric 
constant. 

— refraction, 157, 159. 

— refractivity, 156. 

^^ii^2rd half-cells, or electrodes, 194, 
198. 

Stokes’s law, 36. 85, 120, 125, 126, 357, 
420. 

Strong electrolytes, 40, 51, 53, 134. 
anomaly of, 341. 
thwries of, 339-6i, 370-8. 
tsulphur dioxide, conductance of salts 
in hqmd, 60, 150. 
bulphunc acid, dissociation of, 26. 
Surface, or interfacial, tension, 21, 257, 
263, 266. 

Systems, equilibrium of, 9. 

— non- variant, ii. 

Tables— 

n n •• • « ^ 373. 374- 

Uecomposition voltage, 280. 


SUBJE CT INDEX 

Tables (cont.)— Titration, electrometric. 249. 

Degree of ionisation of electrolytes, Total heat content, 6. 

Townsend cell, 404. 

Diffusion coefficients. 171. *72. *73- Transfer resistance, 286, 295- 

*11 _ - f\l ITY\ . AC. 
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Electro^capTflary Transference numbers, 45. 5^. too. 

chemical equivalents, 34. 211, 226, 377. 

Electromotive force ofcells. 217. 218, by Hittorf s me hod 

219. 220. 232. 234. 236. moMng boundary method. 

Equilibrium constants, 51, 60, 77. ir 

Equivalent conductance of solutions, from E.M.F. measurements, 

41. 55. 57. ^4. 65, _ 232, 237. 

67, 69, 75, 81. 137, 354- importance of •22. 

relation with viscosity. 88. m mixed solutions 12. 

Heat of dissociation of water, .53- 1 "■""■^^■“rennrentrati^ 

iFydTatloS/rl- to8. ^ .09, f. .. 

Independent migration of ions, 46. •^7'., 

Ionic product of water, 139- * x 1^ 

— velocities. 124. True mobilities. 112. 

Mobilities, or ionic conductances, 

... Vacencv I.™ 

Moduli of ions, 100. -a 

Molecular conductance, 62. 77 

^ve1^olSg«*'286^290 291 vaVt^ Hoff’s factor, 42, 146, i49, 375- 

Oxidation potenti4ls?2’46%47- vT°“^v‘’o71ons^ 229^' 

Potential of electrodes, 199,200.207. Velocity of 10ns, 112, 123, 229. 

liquid-liquid junctions, 225, Vmal, 345, 35^- . 

220 Viscosity, coefficient of, 42, 91- 

Radii of ioni: 126. 127. - correction in conductance measure- 

51n±n effIcu'Ter'’ - reUtion With conductance, 83, 89. 

^‘’i'la ";^43‘‘f44“'4S “i‘50 Volrafc^^ir^f Cdl^’ "”■ 

fused salts, Zoh",' 29’"’ 

70. . , 


mixed electrolytes, 136. 

Temperature coefficients, 49, 90- 
Transference numbers, 104, 111,119. 
120. 

van’t Hoff’s factor, 150. 

Technical cells, 402. 

Temperature, boiling-point, of solution, 

IS, ?49- ^ o 

— coefficients, of cells, 23l>, 

ionic mobility, 49. 

solutions, 90. 

conductance relations, 89. 

— freezing-point, of solution, 17. *4^- 
Tertiary electrolytes, 28. 

Theorem of Gibbs, 23. 

Theory of electrolytes, 31, 49. 339. 37°- 


ALDEN’S rule for mobility and 
viscosity, 86, 120. 

Water, conductance of, 327. 

correction for, 329. 

— conductivity, preparation of, 328. 

— dissociation of, 137- 

— heat of dissociation of, 152. 

— specific conductance of, 329. 

— transference of, no. 

Weak electrolytes, 40. . • c 

Weights, molecular, determination ot, 

17- 

Weston cell, 230. 

Whiting cell, 408. 

Wien effect, 365. 

Wildermann cell, 408. 

A a* 


Th^rmVp^opert^^^^^^ ^ 50. Wildermann cell 40b. 

Thermodynamic potential, 4. 9. 23. see Work, expression for, 2. 
also Free energy. 

— principles, i. tmq electro-olating* 388. 

Thermodynamics, laws of, i. 2. refintne 101 

Tin, electro-plating, 387- “ racing, 393- 

20 ^ 
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